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PREFACE 


The first edition of the Kinetics of Chemical Change in Caseous Systems 
appeared in 1 926, and was at the time a fairly complete monograph of at 
least part of tl)e field. The second and third editions were progressively 
larger and less complete. To-day a fourth edition which attemf>ted any 
kind of comprehensiveness would have to be an encvclo|)aedic volume of 
formidable dimensions. It is no mere taste for paradox which leads one 
to doubt whether progress in a subject is reflected only in the increasing 
size of the books written about it. Encyclopaedias are very valuable 
works, l)ut in some ways the ideal would be that successive editions of a 
book should get smaller and smaller. A lot depends u[)on whom the 
book is written for, and to cut the Gordian knot I decided instead of 
a fouilh edition to produce a new book which, without very great detail, 
should give as simple and balanced account as possible of the general 
principles of chemical kinetics. It is, of course, written for any one who 
cares to read it, but primarily for those who are interested in the wider 
aspects of j)hysioal chemistry and who want to know, as serious students 
though not as ex})erts, what the general landscape of a particular part 
of the country is lilie. If the treatment is in places impressionistic, I hope 
it is so in the better sense which would allow a painting to be not less 
true than a ])hotograph. At any rate 1 believe that the shortcomings 
are in the execution rather than in the method. 

The examples discussed are no longer drawn exclusively from re- 
actions in the gaseous state — though these predominate. Convenience 
rather than abstract justice has dictated their selection, and, indeed, 
lest the author index be regarded as a minor temple of fame in which 
representation has been granted or withheld with too arbitrary a hand, 
I have omitted it. Just as in the third edition of the former book I 
included a section which developed the wave mechanics needed in the 
later discussions, so in the present book I have included a chapter on 
elementary statistical mechanics, in which most of the kinetic and 
statistical theory used in the rest of the treatment is specially worked 
out for the purpose. This seems worth while for clearness and sim- 
plicity, and indeed for abstract uniformity, since kinetic and statistical 
theory is the very stuff of which chemical kinetics is made. 
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PREFACE 


I am indebted to my colleagues and especially Mr. E. J. Bowen, 
F.R.S., and Mr. J. H. Wolfenden for help in a number of ways and, as 
always, to the Clarendon Press. 

The manuscript was ready at the end of July 1939. It might have 
been revised in various ways, but went to press as it stood in the 
autumn of the same year. 

C.N.H. 

OXFORD 

January 1940 
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INTRODUCTION 


That everything chaaiges is an unescapable fact which from time 
immemorial has moved poets, exercised metaphysicians, and excited 
the curiosity of natural philosophers. Slow chemical transformations, 
pursuing their hidden ways, are responsible for corrosion and decay, 
for development, growth, and life. And their inner mechanisms are 
mysteries into which it is fascinating to inquire. 

A chemical change is a rearrangement of the atoms of which mole- 
cules are built up: in other words, a change of pattern. The whole 
world is made of patterns of different kinds or orders. The so-called 
ultimate particles are arranged in patterns which constitute nuclei and 
atoms, and the atoms in their turn in designs of a different order which 
constitute molecules. These may aggregate themselves into extended 
systems constituting liquids and solids, or remain flying freely in the 
state of gas. The pattern formation is the result of interaction between 
the units which tends to make them set themselves into groupings with 
a minimum of potential energy. The tendency, however, is not un- 
opposed. All matter is endowed with motion. Even at the absolute 
zero the order established is a compromise between the interaction and 
the zero-point energy, and at higher temperatures thermal motions tend 
to destroy the groupings. Patterns or groupings of a given kind cease 
to exist in appreciable number at temperatures where the average 
energy of thermal motion becomes great enough to overcome the inter- 
actions which hold them together. Solids melt, liquids vaporize: at high 
temperatures molecules are resolved into their atoms, and, at higher 
ones still, atoms into their own constituent particles. In a certain 
relatively restricted range of temperature molecules are able to exist, 
and yet are not so stable as to be incapable of rearrangement when 
subjected to disturbance. This is the familiar range in part of which, 
by definition almost, we live, and where chemistry is possible. 

The rate at which a chemical change takes place is not simply an 
affair of the appropriate molecular encounters. The rearrangements 
expressed by the equation 2H2-f Og = 2H2O may, according to the 
temperature and other conditions, require minutes, days, or years. At 
ordinary temperatures they are immeasurably slow. On the other hand, 
the formally analogous reaction 2N04*02 == 2NO2 is extremely rapid 
at the melting-point of ice. 

B 
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If we consider such changes as the slow decomposition of nitrogen 
pentoxide, the question arises why the molecules do not decompose all 
at once or not at all. The answer must be that the molecules are not 
all in the same state. Now all matter is in a condition of chaotic 
motion: and the state of motion of individual particles changes accord- 
ing to the way in which they collide with or interact with others. The 
solution of the problem of slow chemical transformations, therefore, is 
obviously connected with the details of the kinetic theory. 

THE KINETIC THEORY OF GASES 

In gases, the kinetic theory gives precise information about the 
following matters: 

The mean speed of the molecules. 

The distribution of the speeds about the most probable value. We 
know, for example, what proportion of the molecules have speeds 
more than double the mean speed, less than half the mean speed, and 
so on. 

The types of motion executed by molecules of different kinds. 

The mean free path of the molecules, from which, when the velocity 
is known, the number of collisions taking place in unit time may be 
calculated. 

It will be useful first to deal with these matters in order. 

1. The Root Mean Square Velocity, 

This is obtained from the well-known expression for the pressure of 
a gas pv ~ where p ~ pressure, v ~ volume, m mass of a 

molecule, n = number of molecules in the volume v, and u = root 
mean square velocity. 

If V is the molecular volume, n = Avogadro’s number N and 
pv = RT\ therefore \mNu^ — RT, 



One of the most useful applications of this formula is in the calcula- 
tion of the number of molecules striking unit area of a surface in a given 
time. This calculation is of importance in connexion with the inter- 
action of a gas with a solid substance, or in problems relating to contact 
catalysis, where we may require to know how many molecules strike 
the solid catalyst in each second. Suppose we have a solid surface of 
unit area exposed to the bombardment of gas molecules. Approxi- 
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mately one-sixth of the total number of molecules may be regarded as 
moving in the direction of the surface with the average velocity. In 
one second all those within distance u could reach and strike the sur- 
face, unless turned back by a collision with another molecule, but for 
every one so turned back, another, originally leaving the surface, is 
sent back to it. Thus the number of molecules striking the surface in 
a second is equal to one-sixth of the number contained in a prism of 
unit base and height u. This number is \un\ n' being the number 
of molecules in 1 c.c. Thus the mass of gas impinging on the surface 


per second is 


\un*m = \up. 


A more precise investigation allowing for the unequal speeds of dif- 
ferent molecules shows that the factor ^ should really be We there- 
fore arrive at the result 


mass of gas striking an area A in one second = i^upA . 

As an example of the use of this result we may consider Strutt’s 
work on the reaction between silver oxide and ozone. The paper in 
which this is described* is one of the first in which the importance of 
considering chemical reactions from the point of view of molecular 
statistics is emphasized. 

Silver oxide reacts with and destroys ozone, and the question may 
be asked, what fraction of the total number of ozone molecules which 
hit the silver oxide is destroyed? Or otherwise, how many times, on 
the average, must an ozone molecule hit the solid before it is decom- 
posed ? The answer to this question was found in the following manner. 
If a current of air at low pressure is drawn through a tube where an 
electric discharge is taking place, the issuing gas shows a yellowish glow, 
the cause of which can be traced to the interaction of nitric oxide and 
ozone. The glow is extinguished when the gas is passed through oxidized 
silver gauze, and the disappearance of the glow must be due to the 
destruction of the ozone, since if more ozone is introduced into the 
stream after the silver gauze is passed the glow reappears. Strutt 
caused a rapid stream of air at low pressure to pass first through a 
discharge tube and then through a piece of oxidized silver gauze, the 
total area of which was known. The rate of flow was adjusted until 
the glow was just destroyed by the passage of the gas over the gauze. 
If V is the actual volume of ozone streaming by in a second, then a mass 
pv passes the gauze, and if A is the total area of the gauze, the mass 

* Proc. Roy. Soc.t 1912, A, 87, 302. 
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hitting it is f^upA, Thus the ratio of the number of molecules of ozone 
striking the gauze to the number passing is 

f^puA __ 2^uA 

pv 13^;‘ 

Since the experiment is so arranged that all the ozone is just destroyed 
in passing, this gives the number of times each molecule strikes the 
silver oxide before it is decomposed. The glow was found just to be 
extinguished when the rate of streaming was 200 c.c. per second at 
a pressure of 3 mm., the total area of the oxidized silver gauze being 
0-037 square centimetres, 

u = 3-75 XIO^ 


Therefore 


MA 3x3-75x10^X0-037 

13 ^ - 


Thus there are, on the average, only 1-6 molecular impacts on the solid 
for every molecule of ozone decomposed. This shows that practically 
every molecule of ozone which strikes the silver oxide is destroyed. 

This calculation illustrates the fundamental importance of quanti- 
tative investigation of the behaviour of individual molecules in chemical 
changes. The application of analogous calculations to problems con- 
nected with the passage of gas streams over solid catalysts in technical 
processes is obvious. 

Langmuir made a number of studies of the interaction of various 
gases at low pressures with heated metal filaments;* these illustrate in 
a very interesting manner similar principles. The action of oxygen at 
pressures below 0*02 millimetre on a heated tungsten wire was among 
the examples investigated. The rate at which the oxygen came in 
contact with the filament was calculated. This gives the maximum 
possible rate of reaction. The ratio of the observed rate of reaction 
to this maximum possible rate was found to range from 0-0011 at 
1,270° abs. to 0*15 at 2,770° abs. In this case, therefore, only excep- 
tional molecules of oxygen are able to react with the wire. 


2. The Distribution of Speeds among the Molecules. 

As a result of collisions in a gas the speeds of the individual mole- 
cules are continually changing. A given molecule may be brought 
momentarily almost to rest, or, on the other hand, after several suc- 
cessive collisions of a suitable kind it may acquire a velocity much 
above the average. Theories of chemical change are often concerned 

♦ J. Amer, Chem. Soc.. 1913, 35 , 105, 931 j 1919, 41 . 167. 
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with molecules of exceptionally high energy. The chance that a mole- 
cule emerges from the hazards of several successive encounters with 
kinetic energy much above the mean is small, and, as the excess of 
kinetic energy over the average which it has to acquire increases, so 
the chance diminishes very rapidly. The number of molecules out of 
a total number N, the speeds of which lie between c and c+dc, is given 
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The derivation is given on page 26. 

A much simpler expression is obtained by considering the distribution 
of velocities in two dimensions instead of three. The distribution law 
so obtained cannot give numerical results very different from those 
3 delded by the three-dimensional law, and, as it reduces to a very simple 
algebraic form, it is sometimes a convenient approximation to use 
instead of the true distribution law. 

The proportion of the molecules for which the kinetic energy exceeds 
E is accordingly given by 

^ = P-SIRT 

N 


At this stage we will only consider one very important qualitative 
deduction, which relates to the effect of temperature on the number 
of molecules possessing kinetic energy in excess of some specified value. 
It is convenient to make calculations in terms of gram molecules, the 
statement that a certain proportion of the molecules have energies 
greater than, for example, 30,000 calories per gram molecule meaning 
simply that the individuals among them have energies greater than 
30,000 divided by Avogadro’s number. At an absolute temperature T 
the average kinetic energy of translation is From the two- 

dimensional formula, the proportion of molecules which possess kinetic 
energies greater than E is This is a very small fraction when 

E is several times greater than RT. For some fixed value of E the 
fraction increases very quickly with increase in T. Let us consider as 
an example what proportion of the molecules of a gas at 1,000° abs. 
possess, according to this formula, kinetic energies of translation corre- 
sponding to 20,000 calories per gram molecule. The fraction is 
. 20000 

€ 2x1000 = 0*000045, or 0*0045%. 

At an absolute temperature of 2,000°, where the average energy of the 
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molecules is just doubled, the fraction with energies exceeding 20,000 
calories becomes _ 2 0000 

e = 0*0067, or 0*67%. 

It appears, therefore, that an increase of temperature just suflScient to 
double the average energy causes the proportion of molecules with 
energies greater than 20,000 calories to increase considerably more than 
a hundred times. 

The result, that the proportion of molecules with energies of excep- 
tionally large value increases with temperature at a very much more 
rapid rate than corresponds to the simple linear increase of the mean 
energy, is of great importance in connexion with the influence of tem- 
perature on the rate of chemical reactions. 

3. The Types of Motion executed by the Molecules of a Gas. 

Detailed information about the motion of gas molecules is obtained 
from the study of specific heats, and to some extent from the study 
of absorption spectra. 

The total translational energy of an ideal monatomic gas is \Mu^ 
per gram molecule, where M is the molecular weight, and, since 
pv = RT == the kinetic energy is f JKT. The increase of kinetic 

energy of translation per degree is therefore |i?, or 2*97 calories. Since 
this agrees exactly with the observed atomic heat it may be concluded 
that monatomic gases possess no energy other than kinetic energy of 
translation. The atoms therefore are not in rotation. 

The principle of the equipartition of energy states that each mechani- 
cal degree of freedom possesses the same amount of kinetic energy when 
statistical equilibrium is established among a large number of bodies, 
such as gas molecules, which are capable of exchanging energy. The 
energy associated with the three degrees of freedom of a monatomic 
gas is f J2T calories per gram molecule, that is to say, \RT for each 
degree of freedom. From the equipartition principle, therefore, it fol- 
lows that each degree of freedom of a gas molecule should contribute 
\RT calories to the total energy of the gas, and therefore ^R or 
1 calorie to the molecular heat at constant volume. 

Diatomic gases such as oxygen, hydrogen, and nitrogen have a mole- 
cular heat of 5 calories over a range of several hundred degrees, whence 
it is concluded that, in addition to the translational degree of freedom, 
they possess two degrees of freedom with respect to rotation. They are 
capable, therefore, of rotating about two of the three possible axes of 
rotation. The third axis is evidently, from analogy with monatomic 
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gases, that joining the centres of gravity of the two atoms constituting 
the molecule. 

At higher temperatures the molecular heats of diatomic gases rise 
above 5 calories, and since this rise takes place at lower temperatures 
with gases like iodine, in which the atoms are loosely bound together, 
than with gases like oxygen, in which the binding of the atoms is very 
strong, it is inferred that intramolecular vibrations come into play. 

The molecular heat of hydrogen falls at low temperatures from 5 to 3. 
This and other variations in specific heats with temperature can only 
be interpreted in terms of quantum dynamics, and the subjection of 
mechanical processes taking place among gas molecules to quantum 
principles must be taken into consideration in theories of chemical 
reaction mechanisms. 

A detailed discussion of the quantum theory cannot be given here, 
but it will be well briefly to illustrate the general nature of its appli’ 
cation in the kinetic theory of gases. 

This may be done by considering the falling off in the specific heat 
of hydrogen at low temperatures. 

When two molecules collide the rotational energy as well as the 
translational energy is, in general, changed by the impact. Molecules 
of the hydrogen type should be set in rotation by collision with other 
molecules. If we conceive a large number of hydrogen molecules to 
exist at T®, momentarily devoid of rotations, and to be in a position 
to draw heat from a reservoir also at then, momentarily, the kinetic 
energy of the gas is f per gram molecule. By collisions the kinetic 
energy is shared between the degrees of freedom, and the temperature 
would drop unless the molecules restored their translational energy to 
its original value by impacts upon the walls of the heat reservoir. The 
total energy of the gas should therefore reach \RT, and the specific 
heat should be \R. But, since the specific heat at low temperatures is 
much less than |jf2, the total energy evidently does not reach \RT. 
This is a result of the quantum principle, which states that when a 
collision takes place between two molecules the angular momenta of 
the molecules can only change by integral multiples of a definite quan- 
tum of angular momentum. The transfer of energy which, according 
to ordinary dynamical calculations, should occur does not, therefore, 
take place at all unless it corresponds to the transfer of at least one 
quantum of angular momentum. When this condition is fulfilled energy 
corresponding to this quantum is transferred, and any balance is re- 
tained. A molecule without rotational energy is not therefore set in 



8 


INTKODUCTION 


gentle rotation by a gentle impact of a suitable kind. It is incapable 
of being set in rotation until it receives an impact of such violence, 
and so directed, that the transfer of angular momentum calculated 
according to the ordinary dynamical laws reaches a certain critical 
value. Thus the contribution it would normally make towards the \RT 
is absent. 

Analogous considerations apply to the vibrational energy of mole- 
cules. At high temperatures the specific heat of diatomic gases rises 
above 5 and approaches a value 7, indicating that the vibration of the 
two atoms within the molecule comes into play, and a new degree of 
freedom is operative. The kinetic energy of the vibrational degree 
of freedom is associated with an equal amount of potential energy, 
since, for small amplitudes, the vibration is nearly simple harmonic. 
The absence of vibrations at ordinary temperatures, and their gradual 
appearance at higher temperatures among larger and larger proportions 
of the molecules of the gas, shows once more the operation of the 
quantum principle. 

The quantum law assumes different forms for different kinds of 
motion. Applied to rotational motions it has the form 


energy = 


“ 87X2/ “ 


where n is an integer, / is the moment of inertia, and li is a universal 
constant. 

Applied to simple harmonic vibrations it becomes 

energy = {n-\-l)hv, 

where n is an integer as before and v is the frequency of the simple 
harmonic vibration, h is the same constant as before. \hv represents 
the zero-point energy; that is, the energy which the oscillator retains 
at the absolute zero. 

The vibrations of diatomic molecules being approximately simple 
harmonic, the quantum law takes the second form, namely, that the 
molecule must gain or lose vibrational energy in integral multiples of 
hv, where v is the natural frequency of the vibration. Since the fre- 
quency of a simple harmonic vibration is given by 


27T 


restorlngr force 
per unit 
displacement 
mass ’ 


it follows that the greater the restoring force, that is, the more tightly 
bound the atoms, the greater the frequency, the greater therefore the 
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quantum, and thus the smaller the proportion of the molecules which, 
at a given temperature, can acquire it. Thus stable molecules like 
hydrogen are not set in vibration until high temperatures are reached, 
whilst unstable molecules like iodine have a small quantum and begin 
to possess vibrational energy at much lower temperatures. Thus iodine, 
the instability of which is shown by the very considerable thermal dis- 
sociation at 1,000°, has already at ordinary temperatures a specific heat 
well above 5. 

The importance of all this in connexion with the theory of chemical 
change lies in the fact that molecules are not set in vibration by colli- 
sion unless the impact is of a certain critical degree of violence: then 
a quantum of energy is taken up. 

The study of the absorption and emission spectra of gases confirms 
and extends the information about molecular motions provided by the 
consideration of specific heats. We will confine ourselves to a statement 
of the results having a direct bearing on those aspects of molecular 
mechanics which may be important in the consideration of chemical 
change. 

The kind of spectrum known as a band spectrum is that which is 
emitted by a molecule and not by an isolated atom or ion. The bands 
are not continuous, but consist of a large number of fine lines, which 
are more closely packed together towards the ‘head’ of tliQ band. 

Three kinds of phenomenon play their part in the production of these 
band spectra: electronic changes within the molecule, vibration of the 
atoms in the molecule, and rotation of the molecule as a whole. The 
electronic processes give rise to emission or absorption in the visible 
and ultra-violet regions, the intra-atomic vibrations to bands in the 
short infra-red region at wave-lengths of the order of several and 
the molecular rotations to bands in the far infra-red at wave-lengths 
of the order 100 /x. 

According to the quantum theory of spectra the emission of each 
frequency depends upon a passage of the molecule from a condition of 
greater energy to one of smaller energy, or from what is called a higher 
energy level to a lower energy level. The energy so set free is converted 
by whatever mechanism it is which transmits radiation through space 
into waves, the frequency of which is determined by the relation 
hv = energy set free by the passage of the emitting system (in this 
case the molecule) from the higher to the lower energy level. 

Knowing the value of h (6*55 x 10“^^ erg-seconds), and the value of 
Avogadro’s number, it is possible to calculate the energy* changes per 

o 
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gram molecule associated with the various emission or absorption pro- 
cesses occurring within the molecule. Those producing the rotation 
bands in the far infira-red correspond to a few hundred calories per 
gram molecule, those producing the short infra-red vibration bands to 
something of the order of some thousands of calories, and the visible 
bands to some tens of thousands of calories, increasing to over a hundred 
thousand in the ultra-violet. 

The rotation bands correspond to changes in the number of quanta 
of angular momentum possessed by the molecule; these represent the 
smallest energy change. 

The vibration bands correspond to much larger energy changes. 
Since changes in the number of quanta of vibrational energy may be 
accompanied by simultaneous changes in rotational quanta, a single 
change in the vibrational state of the molecule may give rise to a num- 
ber of bands corresponding to various rotational changes. As the energy 
changes involved in the rotational jumps are small compared with those 
involved in the vibrational jumps, there are produced a number of 
nearly equidistant lines, the spacing of which is small compared with 
the frequency of the central one. The frequency difference between the 
different rotational components of a vibration band gives the energy 
corresponding to a quantum of angular momentum. From this the 
moment of inertia of the molecule may be found. In the same way 
the superposition of vibrational and rotational changes on the electronic 
orbital changes produces a fine structure of the bands in the visible 
region, from which both the moment of inertia of the molecule and the 
frequency of the intramolecular vibrations can, in principle, be cal- 
culated. 

In this way the study of spectra gives even more detailed information 
than the consideration of specific heats. It is found that infra-red 
rotation and vibration spectra are only given by those molecules, such 
as HCl, which are composed of a negative and a positive portion. 
Strictly homo-polar molecules do not absorb in the infra-red, although 
the theory of specific heats and the analysis of the visible spectrum 
leave no doubt about the existence of molecular rotations and, in such 
cases as iodine, of vibrations. We may note, therefore, the important 
conclusion that a molecule of homo-polar type, even though it possesses 
an appropriate natural frequency, is apparently not stimulated by 
radiation to execute either rotations or vibrations. Electronic processes 
within it are, however, influenced by radiation of the appropriate 
wave-length. 
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4. Distribution of Energy among Molecules. 

The distribution of speeds given by Maxwell’s law is a special case 
of the general law of distribution of energy. This law is derived on 
page 20. But it will be convenient to quote it here. If there are a series 
of quantized energy states Cg,..., then the number of molecules in 
the ^*th state is given by 

where efkT may be replaced by E^jET. 

For translational speeds in three or in two dimensions the law 
assumes the forms already quoted. 

To a first approximation the different kinds of energy in a molecule 
can be regarded as independent of one another, and all expressed as 
a constant times the square of some quantity such as a speed, angular 
momentum, displacement, and so on. Thus the three components of 
translational velocity are associated with energies hnu'^, 
the rotational components with terms of the type the potential 

energy of a simple harmonic motion is proportional to the square of 
a displacement from the equilibrium position, Each of these is 

called a square term. In reality the different kinds of motion of which 
a molecule is capable interfere mutually : the moment of inertia, which 
determines the rotational energy, is a function of the state of vibration 
and so forth. But for many purposes the representation of the energy 
as a sum of square terms is legitimate. 

The chance that a molecule possesses a total energy greater than 
some amount, E, in n square terms, without reference to how it is 
shared among them, will later be shown to be given approximately by 
the expression er^l^^(E 

(p-niyi 

provided that E is great compared with RT. This no longer apphes 
when n is as small as two. In this case a direct derivation gives the 
probability as ^-eirt 

The case of two square terms is an important one: it includes 

(а) a single vibrational degree of freedom, in which the sum of the 
kinetic and potential energies is considered. 

(б) A two-dimensional rotation. 

(c) Two degrees of freedom of translation, one belonging to each of 
two aj)proaching molecules, i.e. the kinetic energy associated with the 
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relative velocity of two molecules along the line of centres. This will 
determine the violence of the impact and, therefore, in some circum- 
stances, the amount of energy transferred. 

The important term in all these expressions for the energy distribu- 
tion is the exponential. The probability that a molecule possesses 
energy, E, considerably in excess of the average, is always small, and 
it is proportional to This exponential expression comes in 

throughout physical chemistry, and determines the form of vapour- 
pressure equations, the law for the dependence of equilibrium constants 
and velocity constants upon temperature, the variation of viscosity 
vith temperature, and many other relations. It is interesting to inquire 
into its physical significance. The following is not in any sense intended 
to be a derivation of the formula, which is derived rigidly on page 20, 
but an illustration of the inner meaning of the exponential. A molecule 
may, in a given collision, gain or lose energy. Let us call one in which 
it gains energy, favourable, and one in which it loses energy, unfavour- 
able. To accumulate energy much in excess of the average the molecule 
may be supposed to need a lucky run of favourable collisions. In a 
given collision let the chance of spoiling a favourable run be \jX. Then 
the chance of continuing it will be (1 — 1 /A). 

The chance that the run continues for x collisions is therefore 


‘-i 


-(xlXX-X) 


The chance is 


-X = n. 

jya -xjx 


The expression in brackets is the function which by definition be- 
comes e when n is increased without limit. 

Now X, the length of the necessary favourable series of collisions, will 
increase with E, the required accumulation of energy, while X, the 
number of collisions which occur before there is an unfavourable one, 
will increase with the temperature. Thus xjX will be proportional to 
some function like EjET, and the chance, in the limit where only small 
changes occur at each collision so that large numbers are involved, will 
be given by the exponential of this ratio. 

The above argument is intended simply to illustrate the fact that 
the exponential term in physico-chemical formulae arises directly from 
the form of the expression for the probability of runs of events, and 
from the definition of tlie (juantity e itself. 
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5. The Mean Free Path and the Collision Number, 


Knowledge of the number of collisions taking place in unit time 
between the molecules of a gas is obviously of great importance in the 
consideration of chemical reactions. It is found as follows. 

Let the diameter of a molecule be a. If we regard a as a value of 
the effective diameter rather than a quantity with a strict geometrical 
significance, we may regard two molecules as entering into collision 
whenever their centres approach to within a distance or of each other. 

For the calculation of the number of collisions suffered by a given 
molecule all the other molecules can be regarded as stationary, and 
the given molecule imagined to be moving about among them with 
a definite velocity r. This is equal to the mean relative velocity, a 
quantity which is easily shown to be fiZ. If the given molecule is further 
assumed to have a radius, instead of a diameter a, all the others may 
be regarded as points. In one second the given molecule sweeps out 
a cylindrical space of length and cross-section the volume of 
which is ^TTG^u. In this space ^rraHin point molecules will have been 
encountered, n being the Humber of molecules in a cubic centimetre. 
The cylinder will not have been straight but zigzag, ^ira’^un, therefore, 
gives the number of collisions suffered per second by any molecule. But 
each molecule undergoes the same process, so that the total number 
entering into collision in a second in one cubic centimetre is ^ira^un'^. 
The number of collisions is exactly half the number of molecules enter- 
ing into collision, since two molecules participate in each impact. The 
factor I requires, moreover, slight correction when allowance is made 
for the distribution of velocities in accordance with Maxwell’s law. The 
corrected value for the number entering into collision is 

The value of cr is obtained from viscosity data and has been deter- 
mined for a great many gases and is always of the order 10“® cm. 

The viscosity is directly connected with the mean free path Z. The 
number of collisions in unit time is ufl for each molecule, neglecting 
the difference between the mean velocity and the root mean square 


u 

velocity. Thus j — ^12 traHn. The mean free path is connected with 


the viscosity by the relation 

7) ~ \pul, p being the density. 

Rankine* and others have made numerous accurate measurements of 
and calculated the molecular diameters from them. For calculating 


• e.g. Proc. Roy. Soc., 1910, A, 83. 516; 1910, 84, 181 ; 1912, 86, 162; 1915, 91, 201. 
Phil. Mag., 1915, 29, 562. 
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the number of molecules entering into collision in a gas it is therefore 
convenient to use tables of a and the expression V2 rraHin^. 

It might be objected that this formula is based upon assumptions 
about the nature of a collision which may not correspond to reality, 
and that therefore it cannot be an accurate one. This is not a real 
difficulty. The values of a are obtained by use of the formula in ques- 
tion, the number of collisions being found from the mean free path 
which, in its turn, is derived directly from the viscosity. Thus the 
ordinary method of calculating the collision number from tables of a 
for different molecules is in effect a direct calculation from the viscosity, 
the introduction of a being merely a convenience but essentially irre- 
levant. In the theory of viscosity nothing whatever is assumed about 
the mechanical nature of a collision, whether, for example, it can be 
treated as an elastic impact of smooth spheres, or whether it should 
rather be regarded as analogous to the passage of a comet round the suii . 
Some of Rankine’s values are given below. 

Gas Molecular radius Gas Molecular radius 

Chlorine l-60x 10~® cm. Argon 1-28x10"* cm. 

Bromine 1*71x10"® ICrypton 1*38x10"® 

Iodine 1*88x10-® Xenon 1*53x10-® 

The question of molecular diameters is also dealt with by Sutherland, 
who gives a table of values.* 

For collisions between unlike molecules in a mixture of gases the 
following formula is found (for derivation see page 35): 
number of collisions per c.c. per sec. 

and iV^ are the numbers of molecules of the two kinds per cubic 
centimetre, is the mean of the molecular diameters, and Mj^ 
are the respective molecular weights. 

It is sometimes necessary to calculate the number of collisions suffered 
by a molecule during the time that it has undergone a linear displace- 
ment X from its original position, x being measured in a straight line, 
and taking no account of the zigzag path actually traversed. 

Einstein, in a paper dealing with the Brownian movement, f shows 
that the mean displacement is proportional not to the time, but to the 
square root of the time, being given by 

x^ — 2Dt, 

where t is the time and D the coefficient of diffusion. 

♦ Phil. Mag., 1910, 19, 2.5. t Ann. Phya., 1905, 17 [IV], 549. 
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The coefficient of diffusion of gas molecules can be calculated from 
the kinetic theory: the simplest formula, which, however, is not quite 
exact, is due to Meyer. 

D tjIp^ \ul, 

whence = ^ult. 

Meyer’s formula is only approximate, but the error introduced by 
its use would not affect the order of magnitude of the result. 
Smoluchowsky* finds the expression 

~ ulty 


which only differs from the above by a small numerical factor. 

Now let Z be the number of collisions suffered during the displace- 
ment f , then Zl is the total length of the zigzag path. Thus Zl — ut. 
Therefore 


or 


Z 


ut 

ux^ 

2/2 

Zttxt 

IF 


(from Einstein s formula), 
(from Meyer’s formula for Z>), 
(Smoluchowsky’s formula). 


These formulae are useful in calculating the number of collisions suffered 
by a molecule in the gas phase before it reaches the wall of the vessel 
at a distance x from the original position of the molecule. The difference 
in the numerical factor is unimportant in most applications. 

When the diffusing molecule is surrounded by a mixture of gases 
a more complicated expression for D is required. 


Liquids and Solids, 

Molecules exert forces upon one another. In the gaseous state the 
thermal motion prevents the aggregation of aU the molecules into a 
coherent mass. In the liquid state this aggregation has occ irred. The 
characteristic of the solid state is that there is not merely aggregation 
but a very high degree of orientation, so that a space lattice with well- 
defined properties of symmetry is formed. 

The phase changes fipom gas to liquid and from liquid to solid may 
take place at sharply defined temperatures. We will first consider the 

♦ BvlU Intern, Acad. Cracovie, 1906, 202. 
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nature of these changes. In a gas the molecules, although moving too 
fast to aggregate in a wholesale manner, are not without influence on 
one another. 

The potential energy of a given molecule is lower when it is in the 
neighbourhood of a second molecule than when it is remote from any 
other. By the Boltzmann principle (page 40), therefore, there is a 
slightly greater chance of finding certain molecules in incipient aggre- 
gates than of finding them all quite randomly spaced. These aggregates, 
however, will be temporary and rare. They will increase in size and in 
number as the temperature falls, since their probability is determined 
by a function of the form and we might therefore expect some- 

thing Hke a continuous passage to a liquid, if a new factor did not enter. 
The larger an aggregate becomes the greater is its attraction for fresh 
molecules, because it contains several attracting centres reinforcing one 
another. But just because it is larger it is also more likely to lose 
molecules and disperse. Two factors thus oppose one another: and at 
a given temperature either the one or the other must be the greater. 
As long as the reversal tendency is called forth more strongly than the 
aggregating tendency by a small increase in size an equilibrium is 
reached. But as the temperature falls, there comes a point at which 
a small increase favours the further aggregation more than it favours 
the reversal, and here we have a discontinuity where small aggregates 
in equilibrium with single molecules begin to grow indefinitely. This 
is the condensation point. The relation of the liquid state to the solid 
state is similar, except that here it is a question of the growth of more 
completely orientated aggregates. The forces between molecules tend 
to arrange them in symmetrical arrays which thermal agitation breaks 
up. But by Boltzmann's principle, small elements of temporary orienta- 
tion not only can but must exist in a liquid. When one molecule is 
striving to set itself in a symmetrical way in relation to a second, its 
efforts are rendered easier if neighbouring molecules already conform 
to the regular design. Thus here again there exists a limiting size for 
the orientated elements beyond which they will grow steadily rather 
than remain in equilibrium. This view of the matter explains the action 
of nuclei in facilitating phase changes. 

The two problems which concern us from the point of view of chemi- 
cal kinetics are those connected with energy distributions and with 
encounter rates respectively. 

With regard to the first it may be said that the laws applicable to 
gases apply also to the condensed phases, although there may be diffi- 
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culty in deciding such problems as whether or not the molecules of 
a condensed phase are in rotation. 

The problem of encounter rates is much more difficult. In the solid 
state there is no translational motion. A certain limited degree of 
diffusion may occur but probably by complex mechanisms such as sur- 
face migration. A bimolecular reaction of two substances embedded in 
a continuous solid phase is practically impossible. 

Liquids occupy a position intermediate between solids and gases, and 
in some respects must be regarded as resembling the one more closely 
and in other respects the other. 

Debye especially has stressed the analogies between the liquid and 
the solid states,* and shown in particular that there is more regularity 
and order in liquids than would be expected if they were to be regarded 
simply as very highly compressed gases. This makes the calculation 
of the collision rate between molecules of a li(|uid difficult to define and 
almost impossible to calculate. A slightly more tractable problem is 
presented by the calculation of the encourxters between two molecules 
of a solute in an independent substance as solvent. Even this is difficult 
enough. It receives a qualitative discussion in the following section. 

Collisio77 Kates in Liquid Systeyns, Solute-solute Collisions, 

Two extreme cases present themselves. We may regard a solution 
as analogous to a gas on the one hand or to a solid on the other. The 
results will be different. Then we must try and see where, in between, 
the correct answer is to be found. 

We may argue that the collision rate for solute molecules will be 
given as regards order of magnitude by the gas formula, since, in the 
derivation of this formula given on page 13, the presence of foreign 
molecules merely increases the number of bends in the cylinder swept 
out by the typical solute molecule, without seriously altering its volume. 
This is not true when the bends become too numerous, but we can say 
that up to a fairly high concentration of foreign molecules the rate of 
encounter of solutes A and B will not be affected. The question is at 
what concentration this argument breaks down. Starting from the 
other extreme, we can say that if A and B molecules were embedded 
in a solid their collision rate would be zero. The fall to zero may, how- 
ever, occur very sharply when the last vestiges of mobility disappear. 
Just before this we have the state of affairs where mobility is very 
small and the chance of A’s diffusing a long distance to meet B is 

* Z. Elektrochern,, 1939 , 45 , 174 . 

D 
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very small, but is compensated for by the fact that an A molecule 
which has just collided with B will be hemmed in and sent back to 
collide with it again and again. Now, since in chemical reactions which 
we can measure, only one collision in millions leads to transformation, 
repeated collisions of the same pair of molecules are just as effective? 
as collisions between changing partners. The compensation effect will 
only begin to fail when the diffusion has become so small or the reaction 
velocity is so great that the later members of a series of repeated colli- 
sions are useless, because the molecules will have reacted before the 
end of the series. In ordinary measurable chemical reactions, then, we 
should expect the gas formula to give us the correct order of magnitude, 
but to be subject to minor inexactnesses of a rather complicated kind. 
One of these will arise from the non-homogeneity of liquids. If half 
the liquid froze to solid, the concentration of solute would be doubled 
and the collision number quadrupled. If some of the liquid molecules 
aggregate into swarms, or develop other structural characters, as we 
should expect from Debye’s discussion, the result will be in the same 
direction, namely, an increase in collision frequency of solute molecules. 
This, howevrer, is not likely to amount to more than one order of 
magnitude. 

The general ideas outlined above seem to be borne out by the detailed, 
though not absolutely assumption-free, calculations of Smoluchowsky 
and of Leontovitsch, and by the analysis of Fowler* and Slater. They 
are also confirmed in some measure by direct experiments on reaction 
velocity. The essentially bimolecular decomposition of chlorine mon- 
oxide, the interaction of ozone and chlorine, the ortho-para hydrogen 
conversion, and the addition leactions of quinone with dienes have all 
been studied both in the gas phase and in solution, and it can certainly 
be said that a rather varied selection of reactions proceed, at least in 
some solvents, with a velocity which is of the same order of magnitude 
as that w^hich they would i)ossess at the corresponding concentration 
in the gas phase. 

Interesting results may be obtained by the use of a mechanical model 
such as that first introduced by Rabinovitsch and Wood.f In such a 
model solute and solvent molecules are represented by small balls, for 
example, by steel bearings which are agitated in a tray, and the en- 
counters made between solutes can be recorded electrically or observed 
directly. It is found that as the density of the solvent is increased 
from small to large values by the addition of fresh balls to the tray, 

* Trans. Faraday Soc.^ 1938, 34, 81. t 1937, 33, 1225. 
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pairs of solute ‘molecules’ become hemmed in and are caused to make 
repeated collisions with each other. But the solvent impedes diffusion 
and cuts down the number of collisions which a given solute makes 
with fresh partners. The two effects, however, nearly balance, so that 
if we count repeated collisions with the same partner on the same basis 
as collisions with new partners, the total number remains nearly con- 
stant. 

It also appears* that if the solute balls are of a size which does not 
allow of convenient close packing with the solvent, then, at high 
densities of the latter, they may be squeezed out, as it were, from the 
structure of the solvent and make abnormally large numbers of colh- 
sions among themselves. This factor may be of some significance in 
connexion with reactions which take place in solvents possessing a high 
degree of structure in the Debye sense. 

* Fairclough and Hinshelwood, J. Clmn. Soc., 1939, 593. 



II 


ELEMENTARY STATISTICAL MECHANICS AND THE 
THEORY OE CHEMICAL EQUILIBRIA 

Introduction, 

Elemetstary theory tells us that the equilibrium constant of a chemical 
change is the ratio of the velocity constants of the two opposing re- 
actions.whose balance determines the final state of the system. There is 
thus the possibility that the value of an equilibrium constant may give 
us some indirect information about one or both of the velocity con- 
stants. Theoretical treatment of equihbrium constants has progressed 
much farther than that of velocities. Indeed, it may be said that equili- 
brium constants are, in principle, calculable a priori from thermo- 
dynamical and statistical laws. 

It is the object of this chapter to consider the calculation of equihbria 
from statistical mechanical principles, and to inquire into the funda- 
mental factors which determine the final state of chemical systems. 
The calculations will later assume some importance in connexion with 
the problem of reaction velocity itself. 

It is so important to be clear about the basis of the calculations that 
the essential results of statistical mechanics will be developed ab initio. 


Distribution of Molecules among Energy States, 

The quantum theory has introduced an enormous simplification into 
this problem. We no longer have to deal with continuous ranges of 
coordinates, but can specify precisely defined states in each of which 
there will be a quite definite number of molecules. In accordance with 
the principles of wave mechanics this will apply even to the transla- 
tional and position coordinates. 

Let there be N molecules and let the possible energy states be such 
that there are in a state of energy cj, Ng of eg, of €3, and so on. 

We do not need at the moment to worry about the nature of the 
energy; every possible combination of all possible kinds of energy is 
included and constitutes a separate state. 

The number of ways in which the N molecules can be assigned to 
the various states in the manner specified is given by 


W = 


N\ 


NiINgl... 
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The fundamental principle of the whole theory is that the condition 
of affairs which is realized most nearly and for most of the time in 
nature is that which makes W a maximum. This is because aU possi- 
bilities are impartially explored in the course of the random molecular 
motion and the average is determined by mere frequency. 

It is convenient instead of W to consider its logarithm. 

By Stirling’s approximation logJV'! = NlogN—N, if iV is a large 
number. 

(Objection to the use of Stirling’s approximation has been made on 
the ground that in some of the states the actual numbers of molecules 
are not large. This can be met by taking many instantaneous examples 
of the whole system and applying the calculations to the sum of the 
whole lot.) 

We now have 

log W" - NlogN-N- 2 log ^1+ 1^1 ^ NlogN^ l^Jog^v 

Two other conditions must be fulfilled: 

N,+N,+N,„. ^ iV, 

Wj Ci-f-iV2e2 + ... — Ey 

where E is the total energy of the system. 

For W to be a maximum subject to the other two conditions we have 

2 (l+logWi)SWi = 0, 

28 ^ 1 -= 0, 

2€i8Wi-0. 

There is a general method of dealing with such problems of condi- 
tioned maxima. 

The second equation is multiplied by oc and the third by j8 and they 
are then added to the first: 

2 {(l+logiV'^) + a-f — 0. 

Since oc and ^ may be assigned any values we please, they may be 
chosen so that the coefficients of 8 Ni and SiVg zero. Now the values 
of SN3, 8JV4,... are arbitrary. They represent the numbers transferred 
from one state to another in the small variation of conditions under 
which, by the conditions of the problem, W is to remain at its maxi- 
mum. All possible values of must be equally admissible. 

Therefore we take values of equal to zero. This leaves us 

with every coefficient in the summation already made equal to zero 
except that of SJ\^, which, since the sum is zero, must itself vanish. 
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Therefore the coeflScient of every term must separately be equal to 
zero, since the argument applied to that of applies equally well 
to all the others. We thus obtain a series of independent equations of 

the form logN^+l+cc+^e, = 0 , 

whence == 

where J is a constant, and similarly for iV^, . 

The value of ^4 is found from the condition 


Therefore 


= N = 


N 


and Ni = 


Ne-P^i 

2 ^. 


“ 7 ““ 


f is a most important quantity known as the partition function. It is 
related to the important thermodynamic functions of the system. 
Chemical equilibria can be expressed in terms of it in a simple way. 

The constant ^ is important. It will prove to be equal to l/kT, where 
T is the absolute temperature on the gas thermometer scale, and k is 
the gas constant per molecule (i?/iV'). 

The first step is to show that jS is the same for different kinds of 
molecule and for different kinds of energy. Suppose the preceding 
calculation is repeated, not for a single kind of molecule, but for a 
mixture of the first kind with another kind having molecules in the 
first state of energy JUfg in the second state of energy 772 , and so on. 

The two distributions among the respective states have to occur 
simultaneously so that the probability is the product of the separate 
probabihties. We therefore have 




m 


Ml 




The numbers of each separate kind of molecule are constant: 

= 0 and 82M^ = 0, 

but, although there can be no interchange of molecules, there can be 
an interchange of energy between the two kinds so that there is only 
one energy sum g ^ _ 0 

When the maximum problem is worked out as before, it is seen that 
the two conditions for constancy in total number of molecules have 
each to be multiplied by separate constants and a 2 , whereas the 
single energy condition is only multiplied by a single constant jS. When 
we proceed to show that in the summation of the terms the separate 
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coefficients of SiV^, 8^2v> SJifg,..: are all equal to zero, a series of 
equations result which connect with eg,. *, and with 

T/i, 'r]2y-, but the multiplier ^ will be the same for both sets. 

Further, it follows from the equation Nj = Ne-^^ijf that the smaller 
the jS, the greater is the probability that molecules will be in the ^‘th 
energy state. In other words, ^ is a constant which defines the distribu- 
tion of energy among molecules; it has the same value for different kinds 
of molecule and for different kinds of energy, and, the smaller it is, the 
greater is the chance that molecules can have energy of a given amount. 
It has thus the properties of an inverse temperature. It is therefore 
expedient to define a thermodynamic temperature which shall be related 
to p by the relation ~ l/kT, where k is the gas constant per molecule. 
In due course we can identify T with the ordinary absolute temperature 
of the gas scale. In the meantime we can write the distribution law 
in the form 

- 7 ’ 

thinking of T as measured on a special scale. 

Special Forms of the Partition Function 
{a) Factorization of the Partition Function. 

The partition function has been defined by the relation 

Now the energy of a molecule consists in general of translational, vibra- 
tional, and rotational parts. The rotational and vibrational energies 
are not really independent, since, for example, the moment of inertia 
of the molecule, which determines the rotational energy, varies with 
the vibrational state of the structure. Thus the total energy will con- 
tain what are called cross terms. These, however, for many purposes 
can be neglected and we may write 

£ == 

There will be separate series of translational, vibrational, and rota- 
tional states, and partial partition functions may be defined for each 
of these. For example, if the series of rotational and vibrational 
states are , 

and ep., cpr,.... 

then the rotational and vibrational partition functions are 
fii = 2 /f = 2 
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It is easily shown that the total partition function, when there are 
no cross terms in the energy, is simply the product of the separate 
functions referring to all the different kinds of energy which the mole- 
cule possesses — translational, rotational, and vibrational — each separ- 
ate degree of freedom counting independently. 


/ ~ fTfufv^ 

and fy itself will be composite, if there are several vibrational degrees 

of freedom: /• _ r / 

Jv — • 

This result is immediately obvious if the product of, say, and fy is 
inspected. 


In the final summation the quantities in brackets represent every 
combination of every rotational or vibrational state, that is to say, 
every possible energy state of the molecule. When these are arranged 
in the correct numerical order they constitute the series which was 
originally defined simply as cg,.-- ♦ 


(6) Vibrational States. 

For a single series of vibrational states we may put the energy equal 
to (n+ where v is the frequency of vibration. If we measure from 
the zero-point energy, the successive energies are nhv, where n is an 
integer. 

Therefore /r ~ 2 

w—O 

This is a geometrical progression and the sum is given by 

j ^hvjkT 

fy — . 

When p is small, this reduces approximately to kTjhv, 

The number of molecules in the nth and higher states is 

fv 

^^-nhvIkT 


fv 

J^^-^nhvIkT 




fv 


■fy = iVre-»*«'/A-7'. 
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If nhv = 

then the number of molecules with energy greater than in one vibra- 
tional degree of freedom is 

a result of very frequent application in chemical kinetics. 


(c) Translational States. 

According to wave mechanics the translational energies are quan- 
tized, but the quantization depends upon the size of the enclosure 
containing the molecules. Thus the translational coordinates cannot 
be dealt with without simultaneous consideration of the positional 
coordinates. Let u be the component of velocity of the molecule along 
the a;-axis. Suppose the molecules are enclosed in a rectangular vessel, 
the length of whose side parallel to the ar-axis is Then, by the wave- 
mechanical condition, the wave-length of the particle is A — hjinu, 
where m is the mass, and since, for a stationary state, an integral 
number of half wave-lengths must fit into the length Zj, we have 
l(nX) = Zj. 

Therefore = Zj, 


whence 




SmVi 


Thus the translational partition function for one degree of freedom is 

Since the energy steps are very small, this summation can be repre- 
sented quite closely by the definite integral to which it would reduce 
were the steps made vanishingly small. 

h 


If 


B 


2^(2mkT) li 


the sum becomes 

y _ Z — ^ where 8n 

^ 8n 


1 . 


This is approximately 


GO 

J 


e-B^n^dn=^ 


Vtt 


Thus / : 

for one degree of freedom. 

4672 


^{2'jrmkT) l^ 
h 
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For the three translational degrees of freedom we have the product 
^ _ {27TmkT)^j j j _ (27rmZ:T)2F 

Jt -- ~ -^-3 • 

For a non -rectangular vessel tlie geometry of the situation becomes 
rather complicated, but the final result, involving F, is the same. 

The above result is reached without explicit reference to wave 
mechanics in the following way. We know that some kind of quantiza- 
tion of the translational motion is essential. Otherwise the number of 
possible states would be infinitely great, and, from the principle that 
the system spends most of its time in a condition near to that which 
can be realized in the greatest number of ways, we should have the 
result that all the energy would assume the translational form. Civen 
that some law of quantization is to be found, it is natural to seek that 
which introduces the universal cjuantum constant, h, in the simplest 
possible way. If the moinentum coordinates of a molecule along the 
three axes x, y, and z are and p^, we may define a range of 

variation about these values by the product dpplp^dp^dxdydz. This 
product has the same dimensions as P, dp^dx having the dimensions 
of h. The simplest law possible, therefore, is that which declares all 
states corresponding to changes of coordinates within the range 
dpidp^dp^dxdydz — to be indistinguishable from a single state. Enu- 
meration of the states on this basis and their summation leads to the 
same result as that obtained above. It is the dimensional relation of 
h to d2)dx rather than to dp alone which demands the simultaneous 
treatment of j)osition and momentum coordinates. 

{d) Derivation of Maxwell's Law, 

In its best-known form this law expresses the number of molecules 
which possess speeds between certain limits independently of the direc- 
tions of these speeds. We can, with the aid of the above results, find 
an expression for the number of molecules with resultant velocities 
between c and c-\-dc. The first problem is to calculate the number of 
states, as defined in the last paragraph, which correspond to speeds 
between these limits. The velocity c corresponds to a momentum p. 
Let a diagram be constructed in which the three coordinates of momen- 
tum of the molecules in a given volume element dxdydz are represented 
on three rectangular axes. The points corresponding to a resultant 
momentum p lie on a sphere of radius p. Those corresponding to a 
momentum between p and p-{-dp occupy, therefore, a volume on the 
diagram of ^Trp'^dp. The x>roduct of this volume, in the so-called 
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momentum space, and of the actual volume element of the gas con- 
sidered is 4cTTp^dpdxdydz. For the whole number of molecules this 

The size of a single state, also possessing the dimensions of a volume 
in momentum space times a volume in ordinary space, is JvK Therefore 
the number of states is 4tTTp^dp V 

~ “ J3 • 

Since p = me, the number becomes 

^irm^c^dc V 

^3 - “ "• 

Now all the molecules in the range considered have energies nearly 
equal to |mc^. The number in one state is therefore 

It ' ^ i^rrikWvTh^ 


by the general result previously obtained. 

The number (AN) in the whole system with velocities between c and 
c+c^c is therefore 4nm^c^dcV 

P (27TmkT)Wj}/ 


Hence 


AN 

N 


4 

\/7T{2kTjm)^ 




which is Maxwell ’s law. 

At this stage the identification of T with the gas thermometer tem- 
perature could be made. The total change in momentum per second 
when gas molecules impinge on a surface can be calculated and in- 
tegrated over all the velocity ranges: the result gives the gas pressure, 
which is related to the gas temperature by the equation pV ~ RT 
Another method is, however, given later in full. 


{e) Rotational States, 

The partition function is formed by taking the sum of over 

all the possible rotational states. 

It can be represented approximately by an integral, as in the treat- 
ment of translational states. 

For a rigid rotator which is a solid of revolution the result is 

SnmT 

A2 ’ 
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where I is the moment of inertia. In other cases more elaborate 
formulae are found. 


Relation of Partition Functions to Thermodynamic Quantities, 
From page 21 we have 

log W = NlogN— 2 N^logNj^, 


where 

and 




s 


klog W proves to be the entropy. 

We first express it in terms of /, assuming for the time being the 
identification. 

If the values of and /are substituted in the expression for klog W, 
S = kNlogf+kNTdlogfjdT. 


In making the substitution the following relation needs to be noted: 

dT^ Z I f ^ ’ 


therefore 




7 /7T2 

dT' 


This also gives us the value for the total energy in terms of /, since 
the total energy is given by 


Therefore 


■ f — €ilkT' 

^ 

-/ dr 
E = NkrdlogfjdT. 


From the energy and the entropy the free energy is found by the 
thermodynamic relation 

F = E-TS 

= Nkrd\ogfldT-kNT\ogf-kNTH\ogfldT 
F = -kNTlogf. 


* See Fowler, Statistical Mechanics. 
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Thus, writing kN = iJ, we have 

E ^ RT^dlogfjdT 

^ = Rlog f +RTdlogfjd T 

F^-^BTlogf, 


A more subtle problem is to express external work in terms of the 
statistical quantities. The key to it lies in the following consideration. 
If an external agency acts on a system so that all the molecules are 
affected and change their energies other than by going from one of the 
various states to another, i.e, so that the actual values of cgj ••• are 
changed (as they will be, for example, if an electric potential is applied 
to the whole system uniformly, or if the whole system is set in motion 
so that every molecule receives a component of velocity distinguishable 
from its thermal motion), then we may say that external work is done 
on the system. If, on the other hand, there is no result which we can 
regard as common to all the molecules and express by a change in the 
various energy states themselves, but only a shift of molecules from 
lower into higher states, then we say that heat has been added to the 
system. To say that this distinction is not an absolute one, and that 
one process may quickly lead to the other, is only to express the inter- 
convertibihty of heat and work. 

Suppose some external variable x changes by dx so that changes 


by ^dx, then all the molecules in the first state change their 
dx 

energies, and similarly for other states. The external work done by the 
system will conversely be represented by a corresponding negative 
expression so that we have: work done by the system 


dA = - 



where dx is the change in the external variable. 
Since / — 2 

^ = — 
dx ^ kT dx 


Transposing, multiplying by N, and dividing by /, 

^ £!i = _ y iVr, 

‘ dx ^ 


dx 


f 


dx ' 


BT 


diogf 

dx 


dx = dA, 


That is 
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Since dA jdx ~ —dFjdx, this completes the identification of — JST log/ 
with the free energy. 

From the equations at the top of page 29 


Therefore 


jn dE „ 

dS-~= R 


dS 


dE+dA 


dx T 

if T is constant 


dE-\-dA represents the total heat supplied, so that 


dS^ 


T * 


This identifies dS with the change in the ordinary thermodynamic 
entropy. 


The Equipartition Law. Relation of the Statistical Temperature to the 

Gas Scale. 

In its familiar form the equipartition law only apjilies in so far as 
the continuous distributions of the classical theory are regarded as 
adequate approximations to the quantum laws. 

The number of molecules in a given state of energy € is Ae~^^, where 
^ is a constant. With continuous ranges of variables a state has to 
be replaced by a range of coordinates dq-^dq 2 ^...dpidp^...dp^, and the 
number of molecules in a given range is given by 

dNjN ~ Ce~^^ dq^dq^.^.dpj^dp^-^-dpny 
where C is constant. 

Since the total number in all ranges is N, we have 

///•■• dq^-dpi dp^...dp„ = ]. 

We carry out an integration of this expression by parts, regarding it 
as a [)roduct of dq^ and of the remainder. By the ordinary rule the 
integration gives 

+ JJ J • • • ?1 dq^. . .dpy dp^.. .dp^. 

The limits of q^ are +oo and ~oo. Since the value of the energy is 
infinite for an infinite value of any variable on which it depends, and 
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since e °° is of a higher order of smallness than l/oo, the expression in 
the square brackets is zero. 

// J " ' ^ I ■ 


The expression on the left is a value of multiplied by the 

number of molecules for vhich the function has this value, integrated 
over all possible values of the variables and divided by the total number 
of molecules. It is, in fact, the average value of qii^^jdq^). The same 
result will be found for any other variable of which the energy is a 
function. 


Therefore 


r 1 

r del 

^^btlJmcan 




Usually the energy can be expressed as a constant times the square 
of one of the variables, e.g. \mv^, which is p^j2m, or, for the 

potential energy of a simple harmonic oscillator, iax^. 






Thus 


g — = 2aq^ ~ 2e. 


e = 


w 


This will apply also to a single degree of freedom of translational 
motion. For the total translational energy we have, therefore, 


E =3x 




From the theory of the pressure exerted by a gas we have 

pV = RT = INmv?, 


therefore 
That is 

but 


kinetic energy = f-BT. 

E = pT, 



/3 = IjkT. 


whence 



32 ELEMENTARY STATISTICAL MECHANICS AND 

Chemical Equilibrium. 

The great principle underl 5 dng all statistical calculations is that 
systems composed of large numbers of individuals spend most of their 
time in conditions which differ very little from that corresponding to 
the maximum probability. The probability is measured by the number 
of ways in which the individuals can be assigned to the various possible 
states. Fundamental physical laws are involved in deciding what 
exactly constitutes a state. 

So far we have only considered the assignment of molecules to energy 
states, the molecules themselves having been regarded as unchangeable 
individuals. But a diatomic molecule ABi^ capable of splitting up into 
atoms A and J5, and, for a complete treatment, the individuals with 
which the statistical calculation must deal are the atoms themselves. 
If we consider the equilibrium 

AB ^A + B, 

then we can define two conditions of an atom, namely free and com- 
bined. If all the atoms are free, or, on the other hand, if they are all 
combined, we have only one possible way of realizing each of these 
contingencies. 

But if some are free and some combined, then large numbers of per- 
mutations of individuals between the free and combined conditions 
become possible. For arithmetical reasons, therefore, there will be a 
tendency for equilibria not to lie wholly on one side. The maximum 
probability corresponds to some intermediate position, and differs 
according to the form of the chemical equation, that for 

AB ^A+B 

differing from that for A^B ^^A-\-B. 

But the assignment of atoms to free or combined states is not the 
only assignment to be made. The free atoms have in their turn to be 
assigned to their various energy levels, and so have the molecules. 
Furthermore, the number and nature of the energy levels available 
depend upon the character of the molecules themselves, and therefore 
the final state of equilibrium is by no means simply that which makes 
the number of permutations between the free and combined conditions 
greatest, but that which makes the grand total of all possible permuta- 
tions between fi*ee and combined and between the various energy levels 
of these two conditions the greatest. 

It is a mere extension of the calculation already given for the energy 
distribution law to calculate the distribution of the atoms between all 
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possible states and so to estimate the proportion which are free 
and the proportion which are combined. The calculation is rather 
cumbrous to perform ab initio. It involves, however, the repetition of 
operations which have already been performed and summarized in the 
formulae of the preceding sections. We therefore proceed as follows, 
making use of results already obtained. 

The entropy of a gram molecule was shown to be 

S ^ mogf+EjT, 

where / IS the partition function of the molecular species in question. 

E is the thermal energy. For a reason which will appear in a moment, 
we write E ^ U — Uq, where U is the total energy and Uq the zero-point 
energy, i.e. the energy which molecules possess at the absolute zero, 
which does not change unless the molecule itself is changed chemically 
and which does not come into consideration when purely thermal 
changes occur. 

Uq has been introduced here because, when molecules suffer chemical 
change, the products formed may be presented with, or mulcted of, a 
supply of internal electronic energy, i.e. the heat of reaction, which 
does not enter into any calculation of their own properties as molecules 
so long as they retain their identity. 

Thus S - E]ogf+(U-~UQ)/T 

and the free energy of a gram molecule is 

U-TS 

^ UQ--RTlogf. 

In the expression for the free energy U rather than E has now been 
written because we are going to envisage the possibihty of chemical 
change, and when this occurs external work may be done at the expense 
not merely of the thermal energy of the molecules but also at that of 
the internal stores which become available when these molecules change 
their chemical identity. 

If we now consider a chemical reaction such as 

2H2-f-02 = 2 H 2 O, 

then, counting reaction products as positive, we have the increase of 
free energy accompanying the change from left to right represented by 
2 when two gram molecules of steam are formed : 

AF = 2 2 nUo-RT 2 nlog/. 

F 


4672 
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the heat of reaction (energy absorbed). 

^F = ^U^STJ^n\ogf, 

As has been shown, the partition functions are products of factors 
referring separately to the translational, vibrational, and rotational 
energies, and the translational partition function contains the volume. 
It is convenient to write f — /qV. Then, remembering that the con- 
centration c is 1/F, we have 

AF = AUq—BT 2 ^Icg/o+^T 2 ^logc. 

If all the concentrations happen to correspond to the equilibrium values, 
the change in free energy is zero: 


AF 

since by definition 
Therefore 


= ATjQ—RT^nlogfQ+RTlogK, 
log A" 

logA = 2^1og/o-At/o/Ay, 


where JJ (fo) ^ ^ product of partition functions built on the exact plan 
of the equilibrium constant, each /q replacing the corresponding c. For 
example, in the equilibrium of the system represented above 


a result of remarkable elegance and simplicity. 

This expression for K shows clearly what factors determine the 
equilibrium between various chemical species at a given temperature. 
First, the form of the chemical equation determines whether there are 
more factors in the numerator or in the denominator of the equilibrium 
constant. Other things being equal, there is therefore less likely to be 
a favourable yield of product when many molecules associate to form 
few than when few dissociate to give many. Secondly, the values of 
the individual partition functions have an important influence, in the 
sense that the more energy states a molecule possesses the more likely 
it is to be formed. Thirdly, the heat of reaction exerts an influence 
which, at lower temperatures, is often nearly a decisive one (Berthelot 
principle). The greater the energy liberated in the reaction the larger 
the equilibrium constant. 

It is of interest to observe directly the statistical reason for the 
appearance of the term in the equilibrium constant. Suppose 

a single molecule A is transformed into another B with evolution of 
heat Q per gram molecule or q per molecule. In the dynamic equili- 
brium between the species A and J5, whenever B molecules are formed 



THE THEORY OF CHEMICAL EQUILIBRIA 


36 


from A they are formed as it were with a bonus of energy g. TMs is 
equivalent to a raising of the energy-zero of the B molecules by q. 
Thus the probability of any given state of energy rj of the B molecules 
is no longer proportional to but to Every single state 

on the right of the chemical equation becomes increased in probabihty 
relative to the corresponding state on the left by the amount that 
is, by 


Consideration of Collision Numbers and of Rate Phenomena, 

Consider first the equilibrium between two atoms A and B and the 
diatomic molecule AB: 

K = 

This equihbrium constant is equal to The parti- 

tion functions for A and B contain factors for translational energy 
only, while that for AB contains in addition factors for rotational 
energy and for one degree of freedom of vibrational energy. 

The value of jST, therefore, is given by 


[AB] 

[AIBV 


{27T{mj^+ms)kT}^ Sn^IkT 1 


{^Trmj^kT)^ (27Tmj^kT)^ 


g~AC7o/i2T^ 




where and 7% are the masses. /, the moment of inertia, is given 
by / = being the diameter of AB, and v is 

the vibration frequency. 

A particularly interesting case arises when the binding force between 
the two atoms is very weak, so that v is small. The value of the vibra- 

1 kT 

tional partition function now reduces to , — = "t-* Sub- 
^ \ — {l—hvlkT) hv 

stituting this value and rearranging the terms, we obtain for the 

equilibrium constant 



1 /± 4 - (8„kT)icrJs 


When the binding force is small enough AC/q 0, and the exponential 


term approaches unity. Therefore 


In the limiting case now reached the binding force is so small that 
the molecule AB must dissociate at the end of a single vibration period, 
and indeed will only exist for one such period. In other words, the 
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molecule AB is no tiling but a pair of atoms in collision. The dissocia- 
tion frequency simply the rate at which the atoms A and 

B emerge from collisions. The expression found for it is, in fact, identical 
with that already quoted for the collision rate of two unlike molecules 
(page 14). The calculation just given, although made for a pair of 
atoms, would apply equally well to a pair of molecules, because in the 
limiting case of such weak chemical interaction that the binding force 
vanishes, all the partition functions relating to complex internal vibra- 
tions are common both to the separate molecules A and B and to the 
pair AB and so cancel out, leaving only the terms which were used 
above for the diatomic system. 

This example shows how we can pass from a consideration of equili- 
brium to a consideration of velocity. The statistical calculation gave 
us the number of pairs: the assumption that each pair broke up again 
at the end of a single period enabled us to calculate the rate of forma- 
tion of the pairs. The process was in essence not very different from 
the direct calculation of a collision rate by the kinetic theory. It must, 
how^ever, be emphasized very strongly indeed that the calculation of 
any rate from any equilibrium condition can only be done with the aid 
of an auxiliary assumption. This was clearly stated in the calculation 
just carried out, but in more difficult examples the corresponding 
assumption may not be so obvious. It is, however, always present 
either explicit or implicit. We see that this must be so when we 
remember that any equilibrium constant is a ratio of two velocity con- 
stants, and realize that a given rado of ajb may be satisfied by an 
infinite set of values of a and 6. 

Distribution of Energy in Complex Molecules, 

For some purposes we need to know the number of molecules which 
possess a total energy greater than an assigned amount in many degrees 
of freedom, without reference to the way in which it is shared between 
them. The calculation depends upon the following considerations. 

Let ^ be a momentum coordinate of some particular kind, referring 
to any one of the possible types of motion. The corresponding energy 
is related to the momentum by an equation of the type 

p = mx, € ~ Imx^, 
whence e == p^l2m. 

The number of molecules in a given energy state is given by the 
general formula ^ ^ 



THE THEORY OF CHEMICAL EQUILIBRIA 


37 


Let q be the positional coordinate associated with p. Then the magni- 
tude of a quantum state is given by dpdq == h. 

It is convenient to pass from the quantum theory to the classical 
theory as an approximation, and to consider the number of molecules 
whose momenta lie between p and p-\-dp. Since the size of a state is 
as defined above, the number of states in the range, dp, will be equal 
to dpdqjh. Thus the number of molecules dN in this range is given by 


dNIN = 


dpdqjh 

2 


The summation can be represented approximately by a definite 
integral as follows; 


y I dpdq 

^ ■ dpdq 


J dpdq 


^ 

h 


Therefore 
Since c 


= i^/T^^J(2mkT)dq|h, 

dN __ dpdqjh 2e^^^^^'dp 

N \yl7r^{2mkT)dqjh ^{27TmkTy 

p^j2m, pdp — mde, 


dp = mc?e/^(2me) = me-^dejy{2m), 


dN __ m€~^ de 

N yj{2m)y/(2ni)y(7TkT) yinkT) 


If E is Ne and R — Nk, then 


dN E-h-^l^^dE 
N ” ^(ttRT) ■ ‘ 

Thus the fractional number of molecules with energies corresponding 
to one single momentum coordinate is given. There is nothing in the 
argument which cannot be applied to any kind of energy. 

Thus the expression just recorded for dNjN need not be restricted to 
kinetic energy of translation but may be applied to any form, since 
rotational energy and vibrational kinetic energy may be expressed in 
a quadratic form, as may also the potential energy associated with 
simple harmonic motion. 

Now let us consider a molecule of complex structure; the total energy 
may be made up in many different ways. Let each kind of energy, 
potential and kinetic, in each degree of freedom be representable by 
a 'square term’ and let there be n such terms. The chance of an energy 
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between Q and Q+dQ in one particular term, e.g. one particular com- 
ponent of translational motion, or a particular vibration, is given by 

The chance that simultaneously the energy in one term is between 
and Qi+dQ-^ and in another term between and 
duct of the expressions for and namely 

Triy X 


Suppose ©1+^2 ^ 

We may now inquire what is the chance of a total energy between 
E and E-\-dE in the two terms together without reference to how it 
is shared between them. This is given by putting = E—Q^ and 
then integrating with respect to from 0 to E. Thus 


dN 

N 


= j Qr*e-OdRT dQ,(E-Q^)-ie-^^-0^>inT dE. 

E 

J QrH^-Qi)-*dQ,. 


e-sisTdE 


7tRT 

The value of the expression under the integral sign is tt, as may be 
found by substituting E&bxW = 

dN _ e-^^dE 
ET * 


Thus 


If we now wish for the number of molecules with energy greater 
than E in the two terms jointly we integrate with respect to E from 
E to CO and obtain 

00 

1 f e-^l^^dE = 

RT } 

E 

This expression is most important; it is the result already obtained 
for the probability of an energy greater than E for an oscillator, where 
the degree of freedom involves two square terms corresponding to the 
kinetic and the potential energy. But its importance lies in the fact 
that it also represents the chance of an energy greater than E in any 
other two terms jointly. 

In a similar way we may represent the fractional number of mole- 
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cules for which the total energy in n terms is between E and E-\-dE 
by the expression 

E E 

Iniw- JJ - 

where =, e. 

This is because the total energy can be made up with anything from 
0 to in each term, subject to the condition that the total does not 
exceed E] and in general the chance of in one term, Qo next, 

and so on, is the product of the separate probabilities. 

The integral is equal to 

The chance that a molecule possesses energy greater than E is 


r(in){RT)i 


OC 

(eW^ J 


C-EIKTlUm-l) ^ 


This integral is equal to 




When EjRT is large, as in most chemical applications, we may take 
the first term only of the expansion 

e-mT(EIRT)^^-^ 

an-i)r~~ ' 


This gives the chance of a total energy in the whole n terms which 
exceeds E without any restriction as to how the energy is shared among 
the separate terms. 

This expression will be found of importance in dealing with chemical 
changes of complex molecules with many internal degrees of freedom. 
Each internal vibration contributes two quadratic terms, one for the 
kinetic energy and one for the potential energy. It should be realized 
that when we are dealing with the statistics of a large number of mole- 
cules the kinetic energy and the potential energy of a vibration are 
quite independent quantities. Some molecules at a given instant may 
have a large kinetic energy and a small potential energy and vice versa. 
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Distribution of Molecules in Fields of Force. The Boltzmann Principle. 

Suppose that there are two regions of space in which the values of 
the potential energy of a molecule are respectively u^ and If ^ 
molecule with other energy e is transferred from one region to the 
other its total energy changes from e+zti to e+u^. It may now be 
regarded as in a new state. 

By the general law the relative numbers of molecules in the two 
states will be 


fi-(€-hUt)lkT 

W = 




If the first region is one where the molecules are free from the action 
of any external forces, then it may be taken as the state of reference 
from which potential energy is measured, and we have the result that 
the density of molecules at a point where the potential energy is Am is 
to the density in free space in the ratio It should be remem- 

bered that in the neighbourhood of an attracting centre the potential 
energy is negative if that remote from the centre is taken to approach 
zero; i.e. the molecules cluster more densely round the attracting centre, 
a result intuitively obvious. 
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THE ENERGY OF ACTIVATION 

The configuration of a stable molecule represents a minimum of poten- 
tial energy. If stable molecules rearrange themselves by a chemi- 
cal transformation to give fresh ones, the new configurations also 
represent minima of potential energy. There must be intermediate 
states where the potential energy is greater than in the initial or final 
states. Somewhere in the intermediate region there must be a maxi- 
mum, which may be likened to a pass over which the molecules must 
travel in the course of the reaction. The top of this pass is what is 
sometimes called the transition state. In the transition state of the 
reaction 2 HI = H2+I2 the two molecules of hydrogen iodide, or, if we 
consider the reverse reaction, the molecules of hydrogen and of iodine, 
have been so dislocated that reactants and products are indistinguish- 
able. The energy which must be supplied to the reacting substances 
to make them capable of chemical transformation into the products is 
called the activation energy. The slowness of many chemical reactions 
is due to the fact that activated molecules are but rarely produced 
according to the chances of the molecular thermal motions. This is 
shown clearly by the study of the infiuence of temperature on the rate 
of reaction. 

The Arrhenius Equation for the Variation of Reaction Velocity with 

Temperature, 

In a balanced reaction, where the velocity constant of the direct 
reaction is and that of the reverse reaction is k^y the variation with 
temperature of the equilibrium constant K, which equals kjk^y is given 
by the van’t Hoff equation 

dlogK ^ Q 
dT 

where Q is the heat of reaction. 

Since logiT = logits-- log 

dlogk^ dlogk^ __ Q 
~dT 

and therefore 


467*2 


G 
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and 


dlog^a 
dT ~ 




where = Q. 

It does not follow from this that B is independent of temperature, 
but Arrhenius found empirically that the variation of the velocity 
constant k with temperature can be expressed satisfactorily by the 
simplified equation 

d log k __ A 
~dT^ = 


= or \ogk=C-AIRT. 


The method of testing this equation is to plot the logarithm of the 
velocity constant against the reciprocal of the absolute temperature. 
A straight line is obtained if the equation is satisfied. The slope of the 
line gives the value of A . The quantity ^ has the dimensions of energy, 
and if R is taken as 1*98 calories, then A is measured in calories per 
gram molecule. 

Arrhenius* interpreted the equation by suggesting that there exists 
an equilibrium between normal molecules and what he called ‘active’ 
molecules, and that only the active molecules undergo chemical change. 
The active molecules were supposed to be formed endothermically from 
the normal molecules. The rapid increase in the rate of chemical change 
with rising temperature is therefore caused by the shift in the equili- 
brium between the two kinds of molecule, and, since k is proportional 
to the number of active molecules, the equation dlogkjdT ~ AjRT^ 
represents this shift in the ordinary thermodynamic way. A is the heat 
absorbed in the formation of an active molecule from a normal one and 
is therefore called the heat of activation. 

This view, though indefinite, is accepted as essentially correct. It is, 
however, no longer believed that anything of the natilre of a tautomeric 
change is involved in the conversion of an ordinary molecule into an 
active one; it is, indeed, difficult to imagine what change simple mole- 
cules like hydrogen and iodine could suffer as a preliminary to chemical 
transformation. The active molecules are regarded simply as those 
endowed with exceptionally large amounts of energy. In this sense 
they are formed endothermically from the normal ones. The more 
precise physical significance of A will be discussed presently. 

The Ajrrhenius equation applies equally well to homogeneous and 
heterogeneous reactions, as shown by various examples in Figs. 1 a, 1 6, 
1 c, Id, 


Z, physikaL Chem., 1889, 4, 226. 
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Fio. Ic. — Influence of temperature on the rate of thermal decomposition 
of ammonia on a tungsten filament. 

Instead of log h the values plotted in these two diagrams (figs. 1 c, Id) are those of 
log where t is the time required for a definite fraction of the reaction to accomplish 

itself at a given, pressure. Since log A; is equal to constant — log^. This means 

that the slope of the curve is imchanged, but tlie curve runs up instead of down with 
increasing values of 1 jT. 
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Fig. 1 d . — Influence of temperature on the heterogeneous decomposition of 
nitrous oxide on a platinum wire. 
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Heterogeneous and catalytic reactions also give straight lines over 
as wide ranges of temperature as can be investigated. For example, 
in the catalytic decomposition of ammonia on the surface of a tungsten 
wire the value of A remains constant over the range 904° to 1,129° abs. 
in a manner which confirms the equation completely. 

The idea of activation applies to these catalytic reactions also, but 



Fig, 2. — Influence of temperature on the speed of 
a composite reaction. 

A is naturally a function of the catalyst as weU as of the reacting 
substances. 

If when logifc is plotted against I IT there is any marked deviation 
from a straight line, this is an almost certain indication that the 
observed reaction is a composite one made up of two or more con- 
current reactions differently influenced by temperature. At low tem- 
peratures one of the reactions may preponderate so that the slope of 
the curve corresponds to the value of A proper to this reaction. If the 
second reaction has a larger temperature coefficient, its velocity will 
increase relatively to that of the first as the temperature rises, and 
ultimately it will constitute the major portion of the total change. The 
slope of the (log k, 1 /T) curve now corresponds to the greater value of A 
characteristic of the second reaction. The influence of temperature on 
the composite reaction is represented by a curve similar to that shown 
in the figure. 

Quite small deviations from the Arrhenius equation, only detectable 
by very careful experiment, occur for other reasons which will be 
referred to in a later section. 
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Statistical Meaning of the Arrhenius Equation. 

Since general statistical considerations, as outlined in earlier chapters, 
show that the number of molecules with energy exceeding an amount 
E is proportional to a function which always contains the factor 
and in several important cases is represented exactly by this factor : 
and since molecules may reasonably be supposed to require dislocation 
before rearrangement, tlie natural interpretation of the Arrhenius equa- 
tion is simply given. We suppose that the number of molecules reacting 
in unit time is proportional to the number whose energy exceeds E, 
an activation energy. Then we have 

rate of reaction = 

where C is a quantity either independent of temperature, or whose 
temperature variation is small compared with the rapid variation of 
the exponential term. 

If k is a velocity constant which defines the rate at a given tern- 
pcrature, we have 


whence 


k - 

dlogkldT = E/RTK 


A Simple Example. 

Nothing has so far been said about the constant x the equation 
given at the end of the last section. In certain simple examples it 
proves to be determined merely by the collision rate of the molecules. 
This may be illustrated by the decomposition of hydrogen iodide. 

Experimental data relating to this reaction are discussed later. At 
the moment it suffices to say that the rate is proportional to the square 
of the hydrogen iodide concentration, showing that reaction is deter- 
mined by collisions between pairs of molecules, as indeed the equation 
2HI = H 2 +I 2 suggests. 

As shown in the first chapter, the number of molecules entering into 
collision per c.c. per second is given by 

Z — ^l27ra^un^. 

If we assume that the molecules at the moment of collision must 
between them have energy greater than E in two square terms, as 
would be required if, for example, the kinetic energy corresponding to 
the relative velocity of approach had to exceed Ey then the rate would 

be given by V2,raWe-W 

That is, we assume 

number of effective collisions _ ^^eirt 
total number of collisions 
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This very simple expression proves to be remarkably near the truth 
for the hydrogen iodide decomposition. 

From the temperature coefficient of the rate of decomposition E is 
found to be 44,000 calories. 

At 556^ abs. u is found by the method of the first chapter to be 
3*3 X 10^ cm. per second. 

or may be taken approximately as 3*5 x 10~^ cm. 

If the concentration of the hydrogen iodide is one gram molecule per 
litre and Avogadro’s number is 6-1 x lO^^, then = 6-1 x lO^®. 

The value of \l2TTa'^un^e~^^^^ is thus found to be 3*25x10^^. This 
is the number of collisions per second between the activated molecules 
in one c.c. 

Thus the number of molecules which should react in each second is 
3*25 X 10^^ per c.c. or 3*25 X 10^^ per litre. 

Expressing this as a fraction of a gram molecule by division with 
Avogadro’s number the value 


3*25 XlO^’ 


5*3 X 10-’^ 


is obtained. 

This gives the fraction of one gram molecule reacting in one second 
when the concentration is one gram molecule per litre. It is therefore 
the velocity constant k expressed in gram molecules per litre per second. 

It agrees well with the experimentally obtained velocity constant 
3-5 X 10-7. 

This is a very striking calculation of the absolute velocity of a 
reaction, but we must examine carefully the exact significance of the 
degree of numerical agreement between the two values of k. 

The value taken for a is inevitably not very accurate, and, since k is 
proportional to the square of a, a somewhat different value for the 
molecular diameter would completely destroy any close numerical 
agreement. Even more serious would be a change in the value of E, 
since small changes in E make a great difference in the exponential 
term The numerical concordance of the two values of k must 

therefore be considered as good as could possibly be expected. 

The point of real significance is that an absolute value of k can be 
calculated which is of the right order of magnitude. The theory allows 
a calculation of the velocity constant from an experimentally deter- 
mined value of E iB subject to certain experimental errors which, 
from the nature of the relation between E and appear as proportional 
errors not in k itself but in the logarithm of k. The accuracy, therefore, 
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with which the logarithm of k can be calculated is a just test of the 
theory ; the accuracy with which k itself can be calculated is an exces- 
sively severe test, having regard to the inevitable errors involved in 
the determination of JE, 

The calculation in no way depends upon interpolation, but is abso- 
lute, there being nothing in the form of the equations which constrains 
logk to lie between fixed values. It might have almost any value, and 
an essentially wrong theory could lead to results tens of millions of 
times too large or too small. Hence an even less exact agreement than 
that obtained here would have been satisfactory from the point of 
view of ascertaining the general correctness of the assumptions made. 

The best method of calculation is one which gives the experimental 
errors a proportional effect on the results. In this instance such a 
method is to compare the value of E calculated from the Arrhenius 
equation with that found from the relation 

number of effective collisions __ _E\iiT 
total number of collisions 

When the comparison of the two values of E is made for the hydrogen 
iodide decomposition, practically identical values, namely 44,400 and 
44,000 calories, are obtained. 

General Significance of the Activation Energy. 

The calculation outlined in the preceding section cannot be expected 
to apply very generally as far as the precise details are concerned. 

For one thing, it is only in the very simplest molecules that we should 
expect activation to be a suflScient as well as a necessary condition for 
reaction. Factors such as the orientation of the molecules at the 
moment of impact, and the state of their internal vibrations, would be 
expected to play an important part. Secondly, the use of the simplest 
form of the distribution law can hardly be expected to be accurate for 
all purposes. 

Nevertheless the above calculation gives us a very useful starting- 
point, in showing that a quite simple theory gives the correct order of 
magnitude for the absolute rate of a rather simple reaction. This helps 
to convince us of the reality of the activation energy. 

Still more striking evidence, however, of the significance of the 
activation energy is provided by a comparison of the values of this 
energy for different reactions. 

The function varies so rapidly with E and with T that for 
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a very wide range of reactions it is far more important than any other 
factor in determining the rate of the reaction, and, in particular, 
changes in E are very often more important than other factors in 
determining the relative rates of different reactions. 


E 



Fig. 3. Relation between heat of activation and temperature at which 
collision reactions attain an assigned rate. 

(The reactions are the decompositions, or interactions of the substances indicated by 
the various formulae.) 

If the constant x equation k = were the same for all 

reactions, then the temperature at which a reaction attained a given 
speed would be higher the higher the activation energy, and there would 
be a direct proportionality between the two. For quite an impressive 
number of reactions this conclusion is strikingly verified, as shown by 
Fig. 3. 
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E is the heat of activation calculated from the influence of tempera- 
ture by applying the Arrhenius equation. T is the absolute temperature 
at which the several reactions would attain equal speeds. The actual 
speed chosen for purposes of illustration is one such that the total 
change would be half completed in ten minutes when the concentration 
of any reacting substance was 0*01 gram molecule per litre. 

The parallelism between E and the absolute temperature at which 
the reaction attains an assigned speed is evident. It is also to be noted 
that the line drawn through the points is directed roughly towards the 
absolute zero. The various points would lie exactly on the line only 
if (1) all molecular diameters and velocities were identical, and (2) if 
the equation given above were quite rigidly applicable and all the 
reactions were built strictly upon the same kinetic plan. The non- 
fulfilment of the first condition is not very serious. The variation in 
the collision number from case to case will not exceed a factor of about 
five, which corresponds to twenty or thirty degrees of temperature on 
the average. There is obviously much more room for variations arising 
from non-fulfilment of the second condition. The reactions in question 
are all built roughly upon the same plan to the extent that they depend 
upon collisions and involve relatively simple activation processes. But 
nearly all reactions have kinetic peculiarities of their own which make 
them difficult to compare in detail, as will be seen when some of the 
examples are considered more fully. The curve in the figure, however, 
shows without any reasonable doubt that the factor is by far 

the most important one determining the rate of these coUisional reac- 
tions. This is perhaps the most striking piece of evidence for the reality 
of the energy of activation. The deviations which are evident show 
that other factors basides activation are not without influence. Some- 
times these factors become much more serious. 

In the above examples the ratio of EjT is about the same as for the 
hydrogen iodide decomposition, where, as we have seen, the absolute 
rate is given as regards order of magnitude by the equation 

number of molecules reacting == Z 

Many examples are much more complex, and are not even approxi- 
mately expressed by this simple formula. But, even then, the general 
parallelism of activation energy and reaction temperature remains 
discernible, as shown by the following table, which includes some 
reactions where chain processes make a certain contribution to the 
velocity. 
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Reaction, decomposition 
or transformation of 

Temperature of 
equal reaction 
velocity {absolute) 

Energy of activation 
{calories per gram 
molecule) 


328° 1 

24,700 

C 3 H 7 .N-N.C 3 H 7 

545° 1 

40,900 

CioH.e 

656° 

43,700 

CH 3 .N-N.CH 3 

599° 

51,200 

C 2 H 5 CHO 

792° 

51,000 

CHa.O.CH 3 

800° 

62,000 

C 2 H 3 .O.C 3 H 3 

812° 

67,000 

CH 3 .CO.CH 3 

835° 

68,500 

C 3 H 3 

947° 

74,500 


It is convenient to widen the scope of the equation given on page 50 
by writing molecules reacting — 

where P is a factor representing the other unknown conditions which 
must be fulfilled. 

Even when P is far removed from unity, we may still find, for a group 
of related reactions, that changes in E itself are all important in deter- 
mining the changes in velocity which occur on passing from one ro 
another. The best examples of this are found in solution. If we study, 
for example, the reactions of a series of benzene derivatives, the velocity 
may be varied over a very wide range by the introduction of different 
substituents, the general structure of the reactants, and the kinetic 
form of the reaction remaining strictly comparable throughout. If the 
velocity constant, which is proportional to the number of molecules 
reacting, is written according to the above equation, 

ln^^ - InC+lnP+lnZ-E/RT, 

where (7 is a factor for the conversion of units, wo see that on plotting 
\ogiQ{k/Z) against the value of E from the Arrhenius equation, we shall 
obtain a straight line, provided that P is constant. Furthermore, the 
slope of this lino will be — 2-303PP. 

This is illustrated in Fig. 4, which represents the results of experi- 
ments on the reaction between benzoyl chlorides and substituted ani- 
lines.* By varying the substituents the reaction rate can be changed 
over a range of more than 10^. In this reaction the encounters occur 
between unlike molecules, and from the formula on page 14 it will be 
seen that will be proportional to 1/iH*, where l/M = (l/A/^-f l/iUp), 
the diameters being assumed not to vary from case to case. Therefore, 
in the figure, logfcVif is plotted. The line drawn through the point 

* Williams and Hinshelwood, J* Chem. Soc.y 1934, 1079. 
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representing the reaction between the two unsubstituted compounds 
has been given the slope — 2-303^T. It is evident that the wide varia- 
tions in velocity are in the main accounted for by the changes in the 
activation energy. 

These and many other examples leave us in no doubt about the 
reality and the fundamental significance of the activation energy as 



Fia. 4. Correlation between variations in velocity and changes in tlie 
activation energy. 


one of the major factors determining the absolute rate of chemical 
reactions. 

There is a not inconsiderable number of reactions, both in the gas 
phase and in solution, where the absolute rate approximates in order 
of magnitude to the collision number X But this relation is 

probably never exactly fulfilled: in very many cases it is not even 
roughly true. But the regularities of a general statistical nature so far 
disclosed will prove of great help in guiding us through the increasing 
tangle of experimental fact. 
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Some Corrections Applicable to the Arrhenius Equation 

{a) Activation of Molecules with many Degrees of Freedom: Energy of 
Activation and ^Critical Increment. 

The simple exponential factor as we have seen, is only applic- 

able strictly to represent the probability of a total energy E of the 
colliding molecules in two quadratic terms. As an approximation it 
may be used for any quite small number of terms. In fact its applica- 
bility with such success in many examples might be taken to show that 
the activation process in such reactions was a relatively simple one, 
whatever its exact nature might be. 

If we regard two colliding molecules as one system, the fraction of 
such systems which possess energy greater than E inn quadratic terms 
is approximately 

^SIRT 

which is much larger than when n becomes considerable. (For 

very large values of n the expression passes through a maximum.) 

The form of the Arrhenius equation for the variation of the velocity 
constant with temperature requires some consideration when n is large. 


E 


If k is proportional to 




a»-l)! 


, we have 


E 


whence 


log k ~ constant — — )log T, 

m 

(ilogA: _ E 1) 

“d r ~ r ^ 

_ E-(^n-l)RT 
~ RT^ 


Since the average energy of the molecules is \RT for each of the 
n terms, \nRT is the average energy of all the molecules. Thus we have 

where U is the average energy. The formula 

dT RT^ 


-SISTi 


E 

\Rf} 


(in-l)! 
rect expression being 


is only an approximation formula itself, the more cor- 


(Jn-l)!{i2r)* 


‘I 


By employing 
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this we may show that the really correct form of the Arrhenius equa- 
tion is 

average energy of the average energy of all 

dlogk _ activated molecules ~ the molecules E—U 

- - 




RT^ ■ 


For 


k == 




ITj-yi (iJT)-*" J dE, 


where A is constant. 

Differentiating under the integral sign with respect to we find 


dT ~ (in-T) 


00 

jj(RT)-i» j 

E 


00 

J' 


1 ^ 

kdT 


E 

00 

RT^ J dE 

E 

00 


(i»-l)! 
in 

~T 


dlogk 
' dT~ 


J 


\nRT 


e-EIRT^^n-l dE 


RT^ 

average energy of all molecules average energy of 
with energy greater than E all molecules 


RT^ 


E-U 
RT^ ‘ 


For this reason the constant of the Arrhenius equation is sometimes 
called the critical increment of energy. When n is small E and E— U 
are very nearly equal.* 

{b) Modification of the Arrhenius Equation for Reactions depending on 
Molecular Collisions at High Temperatures. 

We have for a coUisional reaction the equation 
k — const, 

* For a fuller discussion cf. Tolman, J, Amer. Chem, Soc., 1926, 47, 2662. 
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The term is the only one which varies considerably with tem- 

perature. 

Strictly, however, the variation of u should be. taken into account. 

Since u varies at 

k = const. 

log^; = logconst. + Jlog T— -E/JBT, 
dlogk __ I E 

E+\RT 
RT^ ‘ 

For the decomposition of nitrous oxide, the slope of the (log/;, 1/T) 
curve gave an uncorrected value E equal to 59,500 calories. The tem- 
perature varied by about 150 on either side of 1,000° abs. The 
corresponding values of \RT varied, therefore, between 850 and 1,150 
approximately. \RT thus equals 1,000± 1 50. The uncorrected value of 
E, obtained directly from the Arrhenius equation, must therefore be 
diminished by this amount. Since 150 in 59,500 is considerably smaller 
than the experimental error, it is easily seen that no deviation of the 
curve from a straight line could have been detected. Nevertheless the 
mean correction amounting to 1,000 calories is appreciable, and reduces 
the value of E to that given, namely 58,500 calories. The correction 
might be automatically applied by plotting logkj^T instead of \ogk 
against the reciprocal of the temperature. 

{c) Variation of Activation Energy with Temperature, 

Although \ogk plotted against IjT usually gives a straight line to 
a high degree of approximation, very careful experiment can sometimes 
detect a curvature, which means that E is var3dng slightly with tem- 
perature. Heat of reaction varies with temperature according to the 
well-known thermodynamic law which makes dldT(AU) = the c 
terms being the specific heats of the substances involved in the chemical 
equation. Since heat of reaction is the difference of the activation 
energies of the direct and reverse reactions, it follows that, in principle, 
E is temperature-variable also. In practice the variation amounts to 
a few per cent, only over the range usually accessible to experiment. 

The explanation depends upon facts of the following kind: suppose 
all molecules with energy greater than an amount Eq can react: some 
molecules will always be present with energy much greater than Eq, and 
these may react more easily than those with a bare margin over the 
minimum: thus the reacting molecules have a complete spectrum of 
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E values, most, however, being confined to a narrow band near Eq, 
The contributions from the more energetic ones become relatively 
greater the higher the temperature of the system as a whole. Hence 
the slight shift in the value of the quantity which determines the slope 
of the Arrhenius line. 

Rate of Reaction and Rate of Activation. 

When molecules are activated in the actual collision by which they 
are transformed chemically, there is no distinction between rate of 
activation and rate of reaction. This corresponds to the simplest inter- 
pretation, namely, that reaction follows collisions in which the mole- 
cules possess or receive the requisite energy. 

If the activation process is an independent one for the two molecules, 
such, for example, as the absorption of radiation, ‘active molecules’ 
exist in definite concentration, and have a definite average life, which 
may be terminated either by chemical transformation or by simple loss 
of energy, a process conveniently called deactivation. 

In general we may distinguish two extreme cases; where all the 
molecules which are activated are transformed at once or at least before 
they lose their energy again, and, at the other extreme, where only 
a small proportion of the molecules which possess enough energy to 
react are actually transformed, most of them being deactivated again. 
When the second state of affairs prevails there is a definite concentra- 
tion of active molecules in the system expressed by the appropriate 
energy distribution law. 

The relations actually existing between rate of activation and rate 
of reaction may be roughly analysed as follows. 

(а) In some reactions no activation of the molecules is required: this 
applies particularly to certain reactions involving free atoms, which are 
discussed further in a later section. 

(б) The chemical transformation takes place in the activating collision. 
The efficiency of the process need not be unity, since some of the colli- 
sions, even though violent enough, may merely lead to ‘reflection’. But 
in quite a number of examples the efficiency appears to approach unity. 

(c) The production of the activated molecules may be quite indepen- 
dent of the collision in which they are chemically transformed, or indeed 
the final transformation may not depend upon a collision. The rate of 
activation and deactivation may both be great compared with the rate 
of reaction: this will appear to be characteristic of many unimolecular 
reactions. 
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{d) In exothermic reactions the energy liberated may be handed on 
to molecules of the reacting substance and activate them more rapidly 
than the normal process of collision. This gives rise to what is called 
a ‘chain reaction'. 

(e) If the initial activation process is vigorous enough, free atoms or 
free radicals may be formed, and these in their turn may cause a long 
series of reactions in which fresh atoms or radicals are continually 
regenerated with little or no fresh activation. This, indeed, is a very 
much commoner type of chain reaction than (d). 

Reactions involving Free Atoms, 

It is noteworthy that many chemical reactions, especially those in 
which halogens play a part, involve the intervention of free atoms. 
Atomic chlorine is involved at some stage of the reaction between 
hydrogen and chlorine and in the reaction between carbon monoxide 
and chlorine. Atomic bromine is involved in the reaction between 
hydrogen and bromine. In a number of photochemical reactions in 
solution between halogens and other substances the rate of reaction 
is proportional to the square root of the light intensity which indicates, 
as shown on page 104 , that the primary process is the resolution of the 
halogen molecule into atoms. In addition to these examples we have 
the reactions, studied by Polanyi and others, between afl^ali metal 
atoms and halogen compounds. Some typical examples of these atomic 
reactions are tabulated below. 

(1 a) CI2 - Cl+Cl (1 b) Cl+Cl = CI2, 

(2 a) Br2 = Br+Br (2 b) Br+Br = Brg, 

( 3 ) CI+CI2 - CI3, 

( 4 ) H+HBr ~ Hg+Br, 

( 5 ) Na+Clg = NaCl+Cl. 

It is quite understandable that resolution into atoms should some- 
times occur, since this is nothing but the limiting case of ordinary 
activation. Ordinarily activation of two molecules, AB and CD, con- 
sists in a loosening of the attachment oi A to B and of (7 to D by a 
collision of sufficient violence to impart a considerable number of vibra- 
tional quanta to each molecule — normal heats of activation correspond 
to about 10 such quanta. AB and CD usually rearrange themselves 
to AC and BD without first being completely resolved into atoms. 
Resolution into atoms, however, as the study of band spectra shows, 
is the natural limit of the activation process, and indeed the amount 

4672 I 
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of energy required to resolve the halogens into their atoms is of the 
same order of magnitude as the usual heats of activation. Thus the 
appearance of free atoms, especially as part of a complex series of 
changes, is far from being anomalous, or from constituting a sharp 
contrast witli the class of reaction where complete resolution does not 
occur. 

For a reaction between two atoms such as (lb) or (2 b) no activation 
can be required. This is not necessarily true of reactions between an 
atom and a molecule, such as (4) or (5), although it is certainly fair 
to expect that the extent of the activation demanded, if any is de- 
manded, will be mu(‘h smaller. This anticipation is fully confirmed for 
exothermic reactions of this type. 

Polanyi finds that in reaction (5) every collision is effective. 

Formally, we might exemplify the extreme types of behaviour thus: 


{a) 

A 2 - f energy ~y A A- A 

A + B^ ~^^AB+B. 


(b) 


There is no theoretical reason why the second stage of (b) should 
not require some energy, though we expect it to be small. Actually 
a number of experimental results indicate that the amount required 
approaches zero in many exothermic reactions.* 

Processes in which two atoms combine to give a single ^nolecule 
demand further consideration. No activation is required, but another 
condition has to be fulfilled, as Herzfeld*j‘ and Polanyi J have pointed 
out. When two atoms collide, the nascent molecule which is formed 
contains all the energy of formation, and this, moreover, must be 
exactly quantized. Unless therefore its energy can be adjusted by a 
collision with a third molecule or with the wall of the vessel it will be 
incapable of continued existence and will fall apart again. Reactions 
of the type A A- BC ACA-B are not affected by these considerations, 
since the kinetic energy with which the two products of the reaction 
fly apart adjusts itself in accordance with the quantum demands of the 
molecule AB. 

In the reaction between hydrogen and bromine Bodenstein found 
that a fraction of the order 1/1000 of the collisions between bromine 
atoms leads to combination at about 200° C., but how exact this esti- 


* If the change were endothermic, a heat of activation equal to, but no greater than, 
the heat of reaction would correspond to the zero activation of the exothermic case, 
t Z. Phyaik, 1922, 8, 132. 

X Ibid., 1920, 1 , 337. Compare also Bom and Franck, Ann. Phys., TV, 1925, 76 , 225. 
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mate is cannot easily be judged. At quite low gas-pressures, however, 
a still smaller value was found, which indicates that the ternary colli- 
sions were here beginning to be insufficient to stabilize all the potential 
bromine molecules. 

The recombination of hydrogen atoms is often a wall reaction, where 
the requirements of the theory are automatically fulfilled. There is also 
a good deal of evidence that a process 2A-f Ag 2N^ plays a part in 
the decay of active nitrogen. 

The Potential-Energy Curves of Diatomic Molecules. 

For the interpretation of the physical and chemical behaviour of 
diatomic molecules consideration of the potential -energy curve is often 
of great help. This curve represents 
the potential energy of the molecule 
as a function of the distance be- 
tween the atoms, and has the form 
shown in Fig. 5. At the point where 
r = rQ the energy is a minimum 
and the molecule is in its normal 
equilibrium state. When it is vibrat- 
ing the atoms may be at distances 
greater or smaller than r^. For the 
smaller separations the energy in- 
creases very rapidly towards inde- 
finitely great values, since the com- 
pressibility of a molecule is very 
limited. As the separation of the 
atoms exceeds the equilibrium value 
the energy increases at first rapidly and in approximate accordance 
with the law of a simple harmonic oscillator, and then more slowly as 
the binding forces between the atoms get weaker and weaker. Finally 
the energy reaches a constant limiting value corresponding to complete 
dissociation of the molecule. The length D in the figure represents the 
energy of dissociation. An exact theoretic^al equation for the form of 
this curve is hardly possible to obtain, since it will depend upon the 
variation of binding force with distance, but various semi-empirical 
equations are used, the constants in which can be evaluated by the aid 
of data obtained from band spectroscopy. One of the most convenient 
of these equations is that of Morse.* 

* Phijs. Rev.t 1929, 34, 57. 



Fig. 5. 
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The energy of the molecule is represented by the expression 
E(r) ~ 

E{r) is the energy for a displacement r of the two atoms, D is the 
dissociation energy, and a is a constant. 

This expression possesses the following properties: as r approaches 
00 , E comes asymptotically to the value zero, i.e. the energy of the 
completely separated atoms is taken as the standard level; E has a 
single minimum of —-D at r ™ when r 0 the value of E, although 
not infinite as it should be, is very great, which is a good enough 
approximation. Thus the general shape of the curve is provided for. 
The equation has a further important property: if we write down 
SchrOdinger’s wave equation for an oscillator and substitute the above 
value for the j)otential energy and then determine the allowed values 
for the various energy levels of the vibrating system, we obtain a series 
of the same form as one of the best of the empirical spectroscopic 
equations. The constants of the tivo expressions can be equated, and 
thus a can be expressed in terms of spectroscopic data. For the nth 
level Morse’s equation gives 
W{n) = 


The spectroscopic vibrational levels can be well expressed by the 
formula W(n) = Acao[(n+ i)— a::(n+ |)^]: is the frequency of oscilla- 
tions small enough to be simple harmonic; from the original equation 

it is easily found to be equal to where ix is the ‘reduced mass’. 


After equation of constants and simplification, the value finally found 
for a is 0*2454(J/a»Qx)i, where M = and being 

the atomic weights of the two nuclei on the oxygen scale and a>o being 
expressed in wave numbers. Morse also gives an empirical rule for 
finding Tq, viz. rgcoj, == 3000 A. ^cm.: the latter, however, is not regarded 
as of universal validity. 

The qualitative application of the potential -energy curve in discus- 
sions about the behaviour of molecules on electronic excitation has 


already been mentioned. It finds a further application in calculations 
of interatomic forces, and, what is of special interest for the present 
purpose, in predictions of the magnitude of the activation energy of 
simple reactions. 


Theoretical Calculation of Activation Energies. 

From the point of view of chemical kinetics, the heat of activation 
is in one sense the fundamental quantity, and the principal problem 
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is this: given the energy of activation for a chemical change of a definite 
type, what is the rate of reaction ? In this way heat of activation bears 
to velocity the same sort of relation as that borne by the total heat of 
reaction to the equilibrium constant in applications of the third law 
of thermodynamics. 

But the establishment of these connexions takes us only one definite 
stage: the further problem then arises of calculating heats of reaction 
and heats of activation in terms of molecular structures and forces. 

The calculations can only be made in very simple cases, and then 
only rather roughly, but although they are unlikely to be apphcable 
to most experimentally accessible reactions, they are of the greatest 
interest in principle.* They depend upon the Heitler-London theory 
of valency, aided by the more direct information that band spectra 
yield about the actual potential-energy curves of simple molecules. 

The force between two atoms is made up of two parts: an electro- 
static part called the Coulomb force, and the force depending upon the 
quantum-mechanical resonance phenomenon, this force being known 
usually as the ‘exchange’ force. In molecule formation the exchange 
force is the more important. In simple examples the magnitude of 
these different forces can be calculated. 

Now in attempting to estimate the magnitude of an energy of 
activation we have to consider the forces existing between a number 
of atoms present together, and at various distances from one another, 
e.g. the forces between three atoms for a simple reaction of the type 
Y+XZ = YX+Z, or four atoms for one of the type 

WX + YZ = YX+WZ. 

This is made possible by the use of some approximate formulae of 
London’s, which give the total energy of a system of three or four 
atoms in terms of the energies which these atoms would possess if they 
existed as isolated pairs (diatomic molecules) at their actual distances 
apart. Thus for three atoms the total energy is given by 

where Q — A + B-{^C, the sum of the three Coulomb energies for the 
three atoms taken in pairs, and a, j8, and y are the exchange energies of 
the three possible isolated diatomic molecules (the atoms being taken in 
pairs at their actual distances in the triatomic system). For four atoms, 
E = (2+U{K+«2-i8i-i3,)*+K+a2-yi-y2)H(ft+^2-yi-y,)*}]‘, 

• Eyring and Polanyi, Z. phyaiked. Chem., B, 1931, 12, 279; Eyring, J . Amer. Chein. 
Soc., 1931, 53, 2637; Trana. Faraday Soc., 1938, 34, 3. 
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where Q is the sum of the six Coulomb energies, and ag,.**, etc., are 
the exchange energieB of the six diatomic combinations. 

The next step is to find the values of the exchange and Coulomb 
energies for the diatomic systems. This requires some rather drastic 
approximations. The total energies of the diatomic combinations can 
be found from the band spectra of the corresponding molecules as 
described in the previous section. A rough estimate, based upon the 
analogy of very simple examples such as the hydrogen molecule, where 
actual calculation is possible, is then made of the proportion of the 
total energy which is Coulomb energy and the proportion which is 
exchange energy: thus the separate terms in the above formulae are 
found. To assume that the proportion is constant for different distances 
of the atoms is obviously a rough and ready procedure, but is more or 
less justified by the fact that the Coulomb energy is in general only 
a small fraction of the total. We can now calculate, in principle, the 
total energy of any configuration of three or four atoms and can thus 
study its variation as one molecule approaches another from a great 
distance and comes into chemical reaction with it. 

Starting with XZ as a molecule with its atoms at the normal equili- 
brium distance apart, and with the atom F at a great distance, we can 
calculate the energy changes which occur as Y is brought up adiabati- 
cally to the molecule, and as Z subsequently recedes to an infinite 
distance, leaving YX as a molecule. It transpires that intermediate 
configurations possess a greater energy than the initial or final ones. 
In fact for the reaction to occur an ‘energy pass’ must be climbed. 
The minimum height of this pass is the energy of activation. One way 
for it to be climbed would be for the approaching atom to i)ossess the 
necessary store of kinetic energy. Analogous considerations apply to 
the type of reaction involving two diatomic molecules. Corrections for 
change in the so-called zero-point energy of the molecules must be 
applied. The actual mass of calculation to be performed in estimating 
the energy of activation is reduced by the use of one or two simplifying 
principles, e.g. London showed that reactions of the type F-fAZ 
require least activation when the three atoms are in a straight line. 

Eyring and Polanyi in the above manner estimated the energy of 
activation of the reaction Hgpara+H = Hgortbo+H to be 13 kg.-cals., 
the experimental value being uncertain but between 4 and 11 kg.-cals. 
Their picture of what occurs during the reaction is as follows: in the 
molecule the atoms are separated by 0*76 A.; the atom approaches and 
the potential energy of the system increases adiabatically until all three 
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atoms are 0*96 A. apart: the reaction may now go to completion or the 
system may return to its initial state. 

also estimate the heat of activation of 
H+HBr - Ho+Br 
to be about 10 kg. -cal. and of 

H+Bro -- HBr+Br 

to be zero, which agrees in a general way with the experimental result 
that atomic reactions possess small inertia. 

For bimolecular reactions of the types 

Ho+A - HX+H ; H+X, - HX+X; 
and Ao+X' XX'+X, 

where X is a halogen, Eyring has made similar calculations. Only in 
the reaction H 2 +I 2 ™ 2HI is comparison with experiment possible. If 
the Coulomb energy is taken ad hoc as 3*5% of the total, an activation 
energy of 40,000 cals, in agreement with experiment is found: if it is 
taken as 10%, the value becomes 28,000 cals. Tims numerically the 
method is as yet unde\Tloped. The most interesting result of Eyring ’s 
calculations, however, is that the thermal reaction between hydrogen 
and iodine should involve molecular iodine, while with the other halo- 
gens reaction by way of atoms should be easier. This is in agreement 
with observation. 

It should be mentioned that before Eyring and Polanyi, Villars* 
applied the information derived from potential-energy curves to get 
a fairly good value for the energy of activation of the reaction 
2HI — H 2 +I 2 ’ basing his calculation on an analogy to Franck and 
Condon’s spectroscopic princi])le, namely, that the reaction should 
occur most readily vhen no change in nuclear distances had to accom- 
pany the process. Franck and Rabiuowitschf elaborated this idea, and 
deduced from it that reactions between halogen molecules should re- 
quire little activation, while reactions between molecules such as liydro- 
gen, oxygen, and nitrogen should possess great heats of activation. 

Factors determining the Magnitude of Activation Energy, 

In order to form a picture of the factors influencing the activation 
energy, we may consider how the activation energy is made up in a 
simple system such as + AB+C. According to the Heitler- 

London theory of the interaction of atoms and molecules, BC will re})el 
A, This repulsion prevents the close approach of A, and preserves BC 
* J. Amer, Chetn. Soc., 1930, 52. 1733. t Elektrochem., 1030, 36 704. 



64 


THE ENERGY OF ACTIVATION 


from reaction. For the mechanism of activation two extreme cases are 
imaginable: (1) ^ is forced up against the repulsion of BC until it is 
so close that it competes for B on equal terms with C, which is finally 
expelled; (2) BC given so much energy that the bond between B and 
C is disrupted, after which A and B can combine without further 
opposition. As the calculations of Eyring and Polanyi showed,* it is 
usually more economical for the reaction to proceed by a compromise 
between these two mechanisms, A being forced up against the repulsion 
and the bond between B and C being stretched at the same time until 
A and C can compete on equal terms for B. Thus we can regard the 
activation energy as being made up of two parts: that required to over- 
come the repulsion of the approaching reagent, and that required to 
weaken the existing bond. In extreme cases one or the other of these 
might conceivably be the only factor. In practice we know, of course, 
that sometimes, though not usually, dissociation of one reactant is the 
controlling step in a reaction. The general case is represented below . 

^ ^ — (j (normal) 

A - ^ — B — C (activated) 

From the point of view of an Eyring-Polanyi diagram, four energies 
come into consideration: (1) the bond strength of the link BC, (2) the 
repulsion between A and BC, (3) the repulsion between AB and C, 
and (4) the bond strength of the link AB which is formed. Fig. 6 shows 
an energy diagram, which consists of two curves.! Curve I is a normal 
attraction curve with a minimum for any given distanc^e between A 
and BC, As the distance between A and BC becomes smaller, this 
curve shifts upward on the diagram. Curve II is the repulsion curve 
for AB and C. The intersection of the two curves, slightly rounded 
off owing to resonance between two states, corresponds to the energy 
of the activated state, and the energy of activation is given by the 
vertical distance between the minimum of the BC attraction curve 
when A is at infinity and the intersection. 

Of the energies enumerated above, positive increments in (1), (2), and 
(3) increase E, that in (1) by deepening the depression in curve I at 
all separations between A and BC, that in (2) by raising curve I without 
affecting the curve for infinite separation of A and BC, and that in 
(3) by the vertical displacement of curve II. On the other hand, a 
positive increment in (4) lowers the activation energy by lowering 

* Z. physikal. Chem., 1931, B, 12 , 279. 
t Cf. Evans and Polanyi, Trans. Faraday Soc., 1938, 34 , 11. 
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curve II, since a higher bond strength results in a lower potential energy • 
of the system AB-\-C, In the terminology of Evans and Polanyi, (1), 
(2), and (3) are sources of inertia, (4) of driving force. 

For some purposes it is convenient, instead of considering all four 
terms separately, to consider the repulsion energy which must be over- 
come in bringing A up to the distance r of the transition state, and 



energy which must be utilized in stretching BC from the length Tq to 
r and are functions of the four terms referred to above, but the 
regrouping into two terms is convenient for approximate treatments. 
We may therefore speak of the activation energy as consisting of two 
parts: reagent repulsion energy, or simply repulsion energy^ and bond- 
stretching energy. 

This point of view is helpful in discussing the direction of the influence 
of substituents on the reactivity of organic compounds. Electron 
attracting or repelling groups may have opposite effects according as 
the mechanism of the reaction makes changes in bond energy or repul- 
sion energy more important.* 

ACTIVATION BY LIGHT 

The mechanism of photochemical reactions and of thermal reactions 
is by no means always the same. For example, the decomposition of 
hydrogen iodide by light occurs by a direct resolution of a single mole- 
cule into an atom of hydrogen and an atom of iodine. The thermal 
reaction takes place by the interaction of two molecules with the split- 
ting off of molecules of iodine and hydrogen: its heat of activation is 


4672 


* Hinshelwood, Laidler, and Timm, J. Chem. Soc.^ 1938, 848. 
K 
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only 44,000 calories, whereas the process HI H+I would require the 
absorption of 69,000- calories. A quantum of the active light is large 
enough to supply this energy. (On the other hand, the thermal reaction 
of hydrogen bromide almost certainly proceeds by the atomic mechan- 
ism.) It is not at all difficult to see in a general way why there should 
be some sort of difference between the mechanism of thermal and of 
photochemical reactions. In the latter, the first stage is electronic 
excitation by a quantum of energy usually com}jarable with, or larger 
than, the heat of dissociation of the molecule into atoms or radicals: 
on the other hand, in thermal reactions, energy in varying amounts is 
continually entering and leaving the vibrational degrees of freedom of 
the molecules, and if the 'economicar biniolecular reaction is possible 
it will often take place without waiting for the more ‘w^astefuh reaction 
by the atomic mechanism. 

The majority of photochemical reactions appear to depend on the 
primary production of free atoms or radicals. These can often be 
detected by direct chemical means, as, for example, when Pearson 
showed that a stream of aldehyde vapour, irradiated by ultra-violet 
light, contained particles capable of reacting with metals, and pos- 
sessing the characteristics of methyl radicals. Resolution into atoms 
represents the extreme limit to which the activation of the vibrational 
degrees of freedom of a molecule can proceed: in this sense there is no 
discontinuity between the thermal and the photochemical process. But 
there is, of course, a profound difference in the way in which the energy 
reaches the vibrational degrees of freedom. The theory of the direct 
photochemical dissociation of a simple molecule has been given by 
Franck, and is illustrated in the figure on page 67. 

The two curves represent the potential energy of the molecule, which 
for simplicity is assumed diatomic, as a function of the distance between 
the atoms. The lower one refers to a normal molecule, the upper one 
to a molecule electronically excited by the absorption of light. The 
point of minimum energy corresponds to the equilibrium position of 
the two atoms. If the molecule possesses a few quanta of vibrational 
energy it will vibrate, so that the extreme distances between the atoms 
correspond to a^a^. With more quanta the vibration will be between 
the limits while if the vibrational energy is great enough an oscilla- 

tion starting at will carry the atoms completely outside the range of 
the interatomic forces and result in dissociation. Suppose a molecule 
almost devoid of vibrational energy is electronically excited by ab- 
sorption of light. According to Franck, this process is instantaneous 
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compared with the vibration period: the interatomic distance has not 
time to change during absorption. The molecule arrives therefore at the 
point y vertically above the starting-point x. The electronically excited 
state possesses its own potential-energy curve, and commonly the 
minimum energy point of the excited state corresponds to a greater 
separation of the atoms than that of the unexcited state, i.e. electronic 



Fig. 7. 


excitation weakens the binding of the atoms. The point y corresponds, 
therefore, to a high vibrational level of the new state, and as soon as 
the next half-period of oscillation is over the molecule will have fallen 
apart. 

In one sense, therefore, this form of photochemical excitation is an 
indirect way of activating vibrational degrees of freedom. 

This is not the only way in which dissociation takes place. Dissocia- 
tion by rotation is known.* Occasionally bands break off suddenly at 
high values of the rotational quantum number, showing that the mole- 
cule in the higher rotational states is unstable; an example is found in 
the mercury hydride bands. 

The higher electronic level is not necessarily unstable, f and direct 
dissociation of the molecule at the end of its vibration period is by no 
means bound to occur. But sometimes another extremely interesting 
phenomenon takes place. There may exist two (possibly several) excited 

* Oldenburg, Z. Physiky 1929, 56, 563. 

t e.g. the minimum point of the upper curve in Fig. 7 may lie to the left of the 
minimum of the lower curve. 
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electronic levels of about the same energy. Transitions are possible 
from the one excitedievel to the other. The level to which the molecule 
is first raised may be stable: that to which it can subsequently make 
a transition unstable. Then we have the following sequence: excita- 
tion, time interval, spontaneous electronic rearrangement, dissociation 
within a period less than the time of rotation. This kind of transition 
from the original excited to a new unstable electronic state is revealed 
spectroscopically in a phenomenon discovered by Henri, who found 
that with decreasing wave-length, but before the region of continuous 
absorption is reached, the rotational fine structure of bands sometimes 
disappears, the bands themselves remaining quite distinct. At still 
shorter wave-lengths the fine structure may reappear. The occurrence 
of the diffuse structureless bands means that the rotations cease to be 
quantized while the vibrations remain quantized. This depends upon 
the fact that after absorption of the light there is a redistribution of 
energy within the molecule, the process occurring within a period which 
is small compared with the time of a rotation (about second), but 
long compared with the time of a vibration (about or 10“^^ second). 
The rearrangement involves the actual dissociation of the molecule,* 
hence the continuous nature of the bands in spectral regions where this 
takes place. 

The molecular process is called predissociation. Two types are dis- 
tinguished, spontaneous and induced. In the latter the excited mole- 
cules only decompose when they suffer a collision which induces the 
redistribution of the energy. This form is recognized by a dependence 
upon pressure of the appearance of diffuseness in the spectrum. It 
should be mentioned that in actual practice with molecules other than 
the simplest it may be difficult to distinguish diffuseness arising from 
predissociation from diffuseness due to unresolvably complex structure. 

The phenomenon of predissociation is important because it shows 
that spontaneous redistributions of energy involving the dissociation 
of a molecule are possible. The existence of an upper frequency limit 
to predissociation, and the analogous upper frequency limit of certain 
continuous spectra is important because it shows that not so much the 
total energy of the molecule, as its actual distribution in the right places, 
is the important factor in chemical change. 

The first conclusion drawn from the combination of photochemical 
and spectroscopic evidence was that, in general, the primary act in 
most photochemical reactions was the resolution of the molecule into 
* Bonhoeffer €uid Farkas, Z. physikal, Chem., 1927, 134 , 337. 
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atoms: this would mean that, if the light quantum were great enough 
to cause dissociation, the chemical reaction would take place, but not 
otherwise. The existence of photochemical thresholds, or frequencies 
below which the quantum efficiency diminished steeply to zero, seemed 
to confirm this idea. But further investigation has shown that the 
relations between spectrum and photochemical behaviour are very 
complicated and difficult to analyse. 

The really important contribution of photochemistry was that it 
first gave us the idea of chain reactions, because one light quantum 
was observed to bring about the change of many molecules. Chain 
reactions are most simply explained in terms of free atoms and free 
radicals, and thus we became familiar with their intervention in 
chemical mechanisms. 



IV 

COLLISION REACTIONS IN GASES 
Homogeneous and Heterogeneous Reactions. 

Many reactions which at first sight might be thought to be reactions 
in the gaseous phase are found on closer investigation to take place 
entirely on the walls of the containing vessel. A true gas reaction is 
called a homogeneous reaction; a reaction taking place at the surface 
of a solid, and in particular on the walls of the containing vessel, is 
called a heterogeneous reaction. A reaction may be partly homogeneous 
and partly heterogeneous. In very many instances, however, the velo- 
city of the heterogeneous reaction is relatively so great that the homo- 
geneous reaction remains an insignificant fraction of the total change 
throughout the whole range of temperature where measurement of 
reaction velocity is practically possible. This circumstance renders the 
detection and measurement of the homogeneous part difficult or im- 
possible. Examples of the very large number of predominantly hetero- 
geneous changes are the thermal decomposition of the hydrides of 
arsenic and antimony, and the thermal decomposition of ammonia and 
of phosphine. In aU these reactions, the progress of which has been 
observed in vessels of either glass, quartz, fused silica, or porcelain, the 
wall reaction predominates overwhelmingly at all temperatures where 
the speed is not too great to be measured. 

The first necessity, therefore, in an experimental investigation is to 
determine whether the reaction dealt with is homogeneous or hetero- 
geneous. The criterion of a homogeneous reaction is that the velocity 
is independent of the area of the surface of the vessel in which the 
reacting gases are contained; that of a heterogeneous reaction that the 
velocity is, for vessels of the same material and volume, directly pro- 
portional to the internal area. 

If the volume, as well as the surface area, is varied, the velocity of 
reaction should be proportional to the ratio surface/volume. The usual 
way of varying this ratio is to have vessels of different shapes and 
volumes, or to add a packing of tubes of the same material. It may 
be desirable to obtain information as to whether a heterogeneous reac- 
tion accounts for any fraction of a change which is known to be at 
least predominantly homogeneous, and the method is to introduce into 
the reaction vessel, in the form of powder, a considerable quantity of 
the material of which the vessel is made. In this way a very large 
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increase of surface is produced, and a heterogeneous reaction taking 
place to the extent of a few per cent, only of the total change can be 
detected. 

If the homogeneous and heterogeneous reactions proceed at rates of 
the same order it is found that the curve obtained by plotting velocity 
of reaction against the ratio surface/ volume does not pass through the 
origin. The velocity corresponding to zero value of this ratio is that 
of the homogeneous part of the reaction. 


The Order of Gaseous Reactions. 

The classical division of chemical reactions is into those of the first, 
second, and third order. These were also caUed unimolecular, bimole> 
cular, and termolecular. 

Those of the first order follow the equation 

s “ 

whence kt = lna/(a~-a:), 

where a is the initial concentration, or pressure, and (a—x) the con- 
centration, or partial pressure of the reacting substance after time t. 
For reactions of the second order the equation is 

^ = k{a-x)\ 


whence 


kt ~ xla(a~x), 


and correspondingly for the third order. 

Taking the time of half-change, that is, the time required for the 
concentration to fall to half its initial value, as r, then for the first- 


order reaction 


k 


log 2, and for the second-order reaction r = 1 jka. 


Thus the ‘half-life’ in the first-order reaction is independent of the 
initial concentration, while in the second-order reaction it is inversely 
proportional to it. In general it is easily shown that in a reaction of 
the nth order, following the equation —dcjdt = kc'^\ the time of half- 
change, or half-life, is inversely proportional to the (ti— l)th power of 
the initial concentration. In dealing with gases concentration is 'pro- 
portional to the partial pressure if the volume of the system remains 
constant. 

The sharpness of this criterion is illustrated by the two examples 
given below. The thermal decomposition of nitrous oxide at ordinary 
pressures is kinetically more nearly of the second order than of any 



72 


COLLISION REACTIONS IN GASES 


other: that of phosphine, although really a heterogeneous reaction, 
follows the first-order law. 


Thermal decomposition of nitrous oxide 
Initial pressure (millimetres) Half-life in seconds 


296 

139 

52-5 


266 

470 

860 


Thermal decomposition of phosphine 
Initial pressure Half-life 


707 

79 

37-5 


84 

84 

83 


The marked difference in the influence of initial pressure in the two 
examples is obvious. 

Attempts to judge from the constancy or otherwise of k would give 
much less unequivocal results, since k sometimes shows a drift in value, 
caused by the catalytic action of the products, the imperfection of the 
experimental arrangements, side reactions, and other factors. 

At first it was natural to assume that reactions of the first order 
involved the transformation of isolated molecules, that those of the 
second order required the presence of two molecules, and so on. Thus 
it was supposed that if the decomposition of nitrous oxide took place 
in accordance with the equation N2O = Ng+O it would be of the first 
order, while if it depended upon the process 

2N2O = 2N2+O2, 
it would be of the second order. 

As the above figures* show, the reaction is more nearly of the second 
order than the first. If we say that this proves collisions to play a 
fundamental part in determining reaction, then we are on safe ground: 
but if we go on to infer that two molecules must actually be present 
at the moment when the chemical transformation is completed, then 
we are ignoring certain subtler aspects of the collision mechanism which 
will be explained below. A reaction which is, m fact, accomplished by 
a single molecule may be of the second order. This has led to a con- 
vention that the terms unimolecular, bimolecular, and teirmolecular 
should be reserved for the specification of the actual number of mole- 
cules involved in the crucial act of chemical change, while first order, 
second order, and so on should be used to describe the form of the 
differential equation governing the variation of reaction rate with 
pressure or concentration. 
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The way in which the distinction became clear was as follows. At 
first the classical division into welhdefined orders was tacitly accepted 
as logical and natural, although there was very little experimental 
material with which it could be tested. 

Comparatively rough tests for the pressure dependence of the reac- 
tion rate were obviously enough to distinguish between reactions where 
the half-time varied with pressure and those in which it was independent 
of the pressure. Reactions such as the decomposition of nitrous oxide 
or of ozone were classified as bimolecular, while the decomposition of 
nitrogen pentoxide proved by the same criterion to be unimolecular. 

An interesting theoretical discussion of unimolecular reactions led to 
the realization that the matter must be more complex than the classical 
division suggested. Perrin* in 1919 argued that since the time for the 
completion of a given fraction of the change in a gaseous unimolecular 
reaction is independent of the pressure, it should be possible to expand 
the gas to infinite volume without influencing the number of molecules 
which undergo transformation in unit time. In some way, therefore, 
isolated molecules, cut off from all communication of energy by colli- 
sion, become activated for chemical change. Perrin suggested that the 
cause of reaction was therefore to be sought in the action of radiation 
upon the molecules. This striking thesis seemed to lend support to the 
general radiation theory of chemical change put forward originally in 
an obscure form by Trautz,t and considerably developed by W. C. McC. 
Lewis4 but since abandoned. 

Lindemann§ answered Perrin’s argument pointing out that mole- 
cules might actually receive their energy of activation by impact from 
other molecules, and nevertheless be transformed chemically at a rate 
which was independent of the pressure over a very large range, though 
not to the limit of infinite dilution, as Perrin had postulated. 

It is only necessary to assume that a certain period of time elapses 
between the moment when a molecule receives the energy by collision 
and the moment of chemical transformation. This assumption is quite 
reasonable, for, in virtue of the internal motions, molecules must pass 
through maxima and minima of stability. 

One may suppose the molecule to be activated by collision, and to 
decompose only when it passes through its next minimum of stability. 

♦ Ann^Phys., IX, 1919, 11, 1. 

t Z» wise, Photochem., 1906, 4, 160. Compare also the reference given by Perrin, 
Trans. Faraday Soc,^ 1922, 17, 546. 

t See, for example, J. Chem. Soc., 1916, 109, 706; 1017, 111, 457; 1018, 113, 471. 

Trans. Faraday Soc.^ 1922, 17, 598. 
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If tlie average time elapsing between activation and chemical trans- 
formation is large compared with that between two impacts, most of 
the molecules activated by one collision wiU lose their energy again by 
a second collision before they have a chance to react. According to this 
view, rate of activation is a very different thing from rate of reaction. 
The state of affairs may be represented as follows: 

normal molecules ^ activated molecules 

I 

products of reaction. 

Tlie processes indicated by the horizontal arrows take ]:)lace very 
rapidly compared with that indicated by the vertical arrow. A sta- 
tionary state is thus set up, in which a constant fraction of the mole- 
cules, nearly proportional to j)ossess the energy of activation, 

and are liable to suffer transformation if they pass through the phase 
of minimum stability before tlieir next collision. A small fraction only 
arc so transformed, the majority being deactivated. The chemical 
reaction, therefore, disturbs the concentration of active molecules very 
little. The fraction is independent of pressure, and the number 

of molecules reacting in unit time is a small constant fraction of this. 
Thus the number reacting in unit time is also independent of the pres- 
sure, and all the conditions of a uniinolecular reaction are realized. 

At sufficiently low ])ressures, however, the time l)etwcen two collisions 
juust become comparable witli the j)eriod elapsing between activation 
and reaction, so that the removal of molecules by chemical change 
seriously diminishes the stationary concentration of activated mole- 
cules. When the pressure is very much reduced there must therefore 
ultimately come a point where the uniinolecular velocity constant 
falls off. 

The acceleration of many chemical reactions by light shows that there 
is nothing improbable in principle about the supposition that molecules 
arc activated by the absorption of ordinary temperature radiation. 
Only the fact that the amount of radiational energy contained in a 
gaseous system at ordinary temperatures is small in comparison with 
the molecular kinetic energy, except at very low pressures, as was long 
ago shown, seems at first sight to render the hypothesis of activation 
by infra-red radiation rather superfluous. 

It was not long before experimental examples appeared of reactions 
which followed the first-order law over a considerable range of pressure 
but tended to adapt themselves more nearly to the second-order law 
at lower pressures. These are found chiefly among the decompositions 
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of organic vapours such as propionic aldehyde,^ various ethers,! 
methane derivatives,'! and many others. It proved, even, that the 
decomposition of nitrous oxide tended more and more towards the first 
order at high pressures. § Other complexities also have appeared in the 
picture, but through the whole tangle it is clear that variable order 
rather than constant order is the characteristic of most gas reactions. 
The simplest treatment of variable order is given in the following 
section. 




Transitions from First to Second Order, Activation by Collision, 

The original idea about a unimolecular or a first-order reaction was 
that the molecules were activated independently of collisions. There 
is, however, no reasonable alternative mechanism to the collisional one. 
Although the collision process itself is of the second order, nevertheless 
the reaction as a whole may be of the first oi'der over a wide range. 
This state of affairs is due to the fact that we have in principle two 
opposing processes of activation and deactivation. Rate of activation 
is proportional to number of collisions, and thus to the square of the 
concentration of the normal molecules: let us call this rate Rate 

of deactivation of active molecules, by loss of theii' energy, to normal 
molecules is proportional to the concentration of the active molecules 
and to c: let it be k^oa. But besides this physical deactivation, the 
active molecules suffer chemical transformation, in favourable cases, 
at a rate which may be called L^a. For a stationary concentration of 


active molecules, 


A’j k2ca-{-l\^Q\ 


whence k^a, the rate of the chemical reaction, is 



This gives us a reaction the rate of which is proportional to a power 
of the concentration between the first and the second, i.e. in principle 
neither unimolecular nor birnolecular. For a given rmdion, when c is 
small enough, the behaviour approaches as closely as desmed to that 
of a birnolecular change in the classical sense; and when c is large 
enough, to that of a unimolecular reaction. For a given concentration, 
different reactions are nearly of the second order when k^\k>^ is small, 

* Hinsholwood and Thompson, Proc. Roy. Soc., 1926, A, 113, 221. 

f Hinshelwood, ibid., 1927, A, 114 , 84; Hinsholwood and Askey, ibid., 1927, A, 

115 , 215. 

X Ramsperger, J. Amer. Chew, Soc,, 1927, 49 , 912, 1495. 

§ Volmer and Nagasako, Z, physikal. Chem.^ B, 1930, 10, 414. 



76 


COLLISION REACTIONS IN GASES 


and nearly of the fir^t when it is large. The former alternative involves 
a relatively small rate of deactivation, i.e. the molecule reacts before 
it has time to lose its energy. This condition is most easily fulfilled 
with a simple molecule where complex internal redistributions of the 
activation energy are not necessary for actual chemical transformation. 
Conversely, the latter alternative applies to complex molecules where 
such redistributions are likely to be necessary. 

In spite of this blurring of the contrast between reactions of the first 
and second orders, there remains a sense in which a sharp distinction 
can be drawn between a unimolecular and a bimoleciilar reaction. Con- 
sider, for example, the decomposition of nitrous oxide. When this was 
first investigated from the kinetic point of view, the prominent question 
was simply whether the decomposition rate depended on the number 
of collisions or not. In this sense the reaction turned out to be bimole- 
cular. The natural interpretation of this fact was that the process of 
decomposition occurred according to the equation 2N2O = 2N2+O2. 
It is also possible, however, that after activation by collision the mole- 
cules part and that one (or each) independently suffers the process 
NgO — N2+O. This can be called a unimolecular change, although 
the reaction is of the second order. In other words, we can call the 
reaction unimolecular when the completion of the chemical change after 
activation only requires the presence of one of the molecules which 
participated in the activation process: similarly, we can restrict the 
term bimolecular to reactions where the two molecules must be trans- 
formed simultaneously if they are to be transformed at all. If the 
molecular oxygen which is the product of the nitrous oxide decom- 
position has to be formed at the moment of reaction, and not by the 
subsequent combination of two separately produced atoms, then, in 
the present sense, the reaction is bimolecular. Conversely, the decom- 
position of acetaldehyde would be called unimolecular, even though of 
the second order, since the actual transformation does not demand the 
simultaneous presence of the two molecules — although activation does. 

The difiSculty now arises that the criterion just discussed is not an 
experimental one, like order of reaction, and doubts may arise whether 
a given reaction is unimolecular or bimolecular, even after kinetic 
measurements have been made. If the half-life varies with pressure at 
low pressures, more or less according to a second-order law, and becomes 
independent of the pressure at higher pressures, as in the examples 
which have been mentioned above, then it is evident that the acti- 
vated molecules have survived the collision which produced them, and 
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the reaction is unimolecular in the present sense. When, however, 
the reaction is observed to be of the second order up to the highest 
pressures to which the measurements have been carried, the interpreta- 
tion is uncertain. It must always remain as a possibility that at a 
pressure still higher than any of those employed in the experiments 
the reaction would become of the first order, and thus reveal itself 
as unimolecular. This uncertainty affects reactions of the type 
2XY ~ ^ 2 +^ 2 - reactions of the type X^+Yo ~ 2XY must naturally 
have two molecules (or at any rate an atom and a molecule) present 
at the actual moment of chemical transformation. In a reaction of the 
former type it is sometimes found that the energy absorbed in the pro- 
cess XY = X-f-T is greater than the heat of activation of the observed 
reaction, as, for example, with the decomposition of hydrogen iodide, 
where the heat of activation is 44,000 calories while the heat of dis- 
sociation of HI into atoms is 71,000 calories. The heat of dissociation 
of oxygen was formerly thought to be very great: thus a process such 
as NgO ~ Ng+O would have been considered impossible unless the 
observed heat of activation had been very much greater. But it is now 
known that the heat of dissociation of the oxygen molecule is not very 
much greater than 100,000 calories, i.e. the production of a single atom 
involves the absorption of not much more than 50,000 calories. The 
nitrous oxide molecule is formed endothermically from molecular nitro- 
gen and oxygen, and the heat of activation of the decomposition is 
considerably greater than 50,000 calories, so that here, in contrast with 
the hydrogen iodide example, the unimolecular mechanism is possible 
as far as considerations of energy are concerned. 

There must, then, as far as purely kinetic measurements go, remain 
an element of uncertainty about any second-order decomposition reac- 
tion of a single molecular species. No matter how extended the pressure 
range over which experiments have been made, there exists doubt about 
what will happen at still higher pressures. If experiments made at very 
high pressures reveal a transition to a reaction of the first order, another 
kind of doubt may arise, which although perhaps less important, should 
be mentioned. At high pressures the number of ternary collisions is 
not negligible. 

Suppose, for example, that two nitrous oxide molecules at the time 
of impact require to remain in contact for a small but finite interval 
before the splitting off of an oxygen molecule is completed. (There is 
no difficulty in supposing that the activated molecules remain together 
as a sort of complex for a short interval before rearrangement.) If 



78 


COLLISION REACTIONS IN GASES 


during this period a. third molecule arrives, deactivation may occur. 
Let the activated complex be denoted by X. Its rate of formation will 
be /^[NgO]^; it will be destroyed by chemical transformation at a rate 
A:'[X], and deactivated at a rate i''[N20][Jr]. The stationary concentra- 
tion which is established is given by 

^[N^O]^ == klX]+k"[N,OlX]; 

thus the rate of reaction, which is proportional to [X], is proportional 
to A:[N20]^/(i'-f ^^"[NgO]). When the nitrous oxide concentration be- 
comes large enough this reduces to a first-order expression. The 
essential condition for a reaction to become kinetically of the first order 
is that something should emerge from the activating collision and be 
exposed to the possibility of deactivation before chemical transforma- 
tion is completed. This something is usually assumed to be one mole- 
cule; but it might be a complex of two molecules, about to split off 
molecular oxygen, just as much as the single molecule about to lose 
an atom of oxygen. Thus, even first-order behaviour at very high 
pressures may not be quite certain proof of a unimolecular reaction, 
unless the influence of ternary collisions can be shown to be negligible. 

Rate of Activation Processes, 

The decomposition of various substances of fairly simple structure 
occurs at a rate whose order of magnitude is not far from that indicated 
by the equation 

number of molecules reacting ~ collision number X 

This is roughly true for the decomposition of nitrous oxide, of hydro- 
gen iodide, of acetaldehyde, and other reactions. But reactions were 
soon found where the number of molecules reacting in unit time was 
calculated to be several powers of ten greater than that predicted by 
the simple equation. 

Nitrogen pentoxide decomposes at room temperatures about 10^ 
times as rapidly as expected, at 400"" propionic aldehyde 10^ to 10^ as 
rapidly, and at 800° acetone about 10® times as rapidly. 

Two explanations of this interesting fact were soon forthcoming. On 
the one hand, that the numerous internal degrees of freedom were 
involved in the activation processes of complex molecules;* and, on the 
other hand, that the reactions were chain reactions.! 

* Lewis and Smith, J. Amer, Chem. Soc., 1925, 47 , 1508; Hinshelwood, Proc, Roy. 
Sod., a, 1926, 113, 230; Fowler and Rideal, ibid.. A, 1927, 113, 570. 
t Christiansen and Kramers, Z. physikal. Chem., 1923, 104 , 451. 
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Contribution to Activation Energy from Internal Degrees of Freedom. 

The apparent difficulty of accounting for the activation rate in 
reactions of the kind referred to in the preceding section can be over- 
come by taking into account the internal degrees of freedom of the 
reacting molecules. If we assume that every kind of energy in all 
degrees of freedom can constitute or be converted into activation 
energy, then the possible activation rate may be up to a million times 
greater than that predicted by the simple formula. The chance that 
a molecule contains in n square terms an amount of energy greater 
than E is approximately 

In this expression the factor multiplying the exponential factor 
becomes very large when n is considerable. The physical meaning of 
this is simply that, if the total E can be made up by contributions in 
any proportion from any degree of freedom, then the total number of 
ways in which the energy can be stored in the molecule is very great. 
The essential idea is that in the activating collision the molecule 
acquires the energy in any form, and indeed goes on accumulating it 
in its various degrees of freedom until it possesses enough. Even then 
there is no reaction unless, as a result of the surging of the energy from 
one part of the molecule to another, there is a concentration in a parti- 
cular bond or bonds. Chemical transformation then becomes possible. 
Since the energy may be in the molecule without finding its way to the 
right place, the time lag postulated in the Lindemann mechanism and 
the likelihood of deactivation rather than transformation follow 
naturally. 

One great advantage of this theory is that the values of n, the number 
of degrees of freedom, which need to be invoked to account for the 
observed activation rates are very plausible, at least in the great 
majority of examples. 

The simplest way of making an estimate of n is to observe the 
pressure at which the transition of the reaction from the first order to 
the second order begins to set in. If the rate is expressed by a first- 
order velocity constant k, there is usually found a pressure below which 
k begins to fall away from its steady value. 

The following simple method of calculation is probably as accurate 
as is needed in the present state of our knowledge.’*' 

* For more elaborate methods of treatment, which, however, yield essentially the 
same result, see Rice and Ramsperger, and Kassel (references on page 85). 
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Let it first be assumed that no chemical reaction is taking place in 
the gas. Of N molecules present let iV^ possess energy greater than E, 
the energy being distributed in n 'square terms*. These are the active 
molecules 

^ Ne-^l^^( EjRT )in-^ 

~ (^w-1)! 


Let be the number of molecules which enter the active state in 
unit time as a result of collisions, and Zg the number which leave it, 
also as a result of collisions. 


For statistical equilibrium = Zg. 

Active molecules are very exceptional ones, so that nearly every colli- 
sion undergone by an active molecule results in its deactivation, rather 
than its activation to a higher degree. Thus Z2 is very nearly equal 
to the number of collisions suffered in unit time by active molecules. 
Therefore 

„ ^ X 1 /r7\ n 11- * number of active molecules 

Zo = total number (Z) of collisions x - 

total number 01 molecules 

N ~ (In- 1)1 ^ ' ' 

leaving out of account the very small number of collisions in which both 
the molecules have very high energy. This expression must also equal 
Zj, since Z^ — Zg. If, now, the statistical equilibrium is disturbed by 
the removal of active molecules in chemical change, Z^ is the maximum 
rate at which they can be re-formed. This determines the maximum 
rate that the chemical change can attain without the aid of chain 
mechanisms. This maximum rate of activation, in the region where k 
is constant, should be at least several times greater than the observed 
rate of reaction. 

At the point where k begins to fall away from its normal value, it 
may be assumed that the rate of activation is just great enough to 
keep up the rate of reaction. By equating, therefore, the number of 
molec'ules reacting at the pressure where k begins to fall, to the expres- 
sion for the rate of activation, the value of n may be found. 

For the purposes of this calculation the value of E cannot be derived 
simply from the formula dlogkjdT = EjRT^. Since the value of k is 
proportional to e-^l^'^iEjRT)^^-^ 

(in— 1)! 
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we find by taking logarithms and differentiating 

dlogk _ E—{\n—l)RT 
dT “ 


Thus the value obtained from the AiThenius equation must be in- 
creased by {\n—l)RT. This correction is relatively small, though not 
negligible. 

Suppose, for example, that k begins to fall at about 400 mm. at 
800° abs., the number of collisions per c.c. per second under these 
conditions being 1*73 x 10^® and the number of molecules reacting per 
c.c. per second being 6-8x lO*®. Suppose the value of E is 


.58500-l-(i«- 

58500+ Un- l)7m/5g5Q()^ 


Thus 


I 


RT 


-l)RT. 


(^re— 1)! 


6-8X lOis 
i-73xl028’ 


whence 


(|w— '1)1 


- 4300. 


If n — 10, the left-hand side is 2140, while if n ~ 12 it is 7270. n may 
therefore be taken as 11. 

To account for the behaviour of dimethyl ether about 10 terms are 
needed, for diethyl ether 18; azomethane would require about 25, and 
germanium tetraethyl* about 8 to 10. 

Since each internal vibration contributes two square terms, kinetic 
energy and potential energy, 5 to 9 internal vibrations must be involved 
in the activation of the ethers, and about 12 would be needed in the 
activation of azomethane. In general, having regard to the formulae 
of these molecules, the result is plausible. 

The conclusion is interesting, since it is precisely for molecules of 
this complex internal structure, with several simultaneous vibrations, 
that complicated phase relations might be expected, leading to the 
time-lag between activation and reaction which is the essential condi- 
tion of the Lindemann mechanism. There are two independent pieces 
of evidence. On the one hand, the decrease of the velocity constant 
at lower pressures and its approach to a limiting value at higher pres- 
sures is most simply explained in terms of increasing deactivation by 
collision at higher pressures, and this can only occur when the time-lag 
exists. On the other hand, the complexity of the activation process, 
as revealed by the number of degrees of freedom which have to be 




* Gedcles aiid Mack, J. Amer. Chem. Soc., 1930, 52, 4372. 
M 
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assumed to account for the rate, make the existence of such a time-lag 
appear very probable. The value of n required to account for the fact 
that the velocity constant for the decomposition of azoisopropane does 
not fall off at 0-25 mm. is from 45 to 50. This is rather a large value, 
but by no means an impossible one. The specific heat of gaseous 
acetone, which contains 10 atoms, is about 20 calories per gram mole- 
cule at about 150'^ C.; azoisopropane contains 22 atoms to the molecule, 
and might therefore have a specific heat of 40 to 50 calories. Since 
each square term in the energy expression contributes calories per 
gram molecule there is obviously nothing unreasonable about the value 
which must be assigned to 7i to account for the constancy of k. If the 
velocity constant were found not to diminish at still lower pressures 
serious difficulties would begin to arise. 

Such a difficulty does actually arise in the decomposition of nitrogen 
pentoxide. At low j)ressures nitrogen pentoxide reacts at a rate which 
looks like being rather greater than the maximum possible rate of 
activation by collision, however great a value oi n be assumed. There 
is a limit to the maximum rate theoretically possible, since, when n is 
increased beyond a certain point, the increase in the term 

produces a decrease in the calculated rate which more than compensates 
for the increase due to the term multiplying the exponential 

term. 

The nitrogen pentoxide decomposition is the only reaction definitely 
known to be anomalous in this respect, but the azoisopropane decom- 
position may have to be added to the list. Various explanations of the 
anomaly have been offered. Fowler and Rideal suggested that all 
the energy of two molecules in collision might flow into one of the 
molecules, and activate it. Ry considering the statistical equilibrium 
between activated and unactivated molecules, it can easily be shown 
that if it is possible for all the energy of two molecules in collision to 
become concentrated in one, then the effective radius of a molecule 
for deactivating collisions must be very many times greater than for 
activating collisions. This result is not a very plausible one, though 
not definitely impossible. To explain, for example, the variation with 
pressure of the polarization of the resonance radiation of mercury 
vapour, the effective radius of the mercury atom has to be assumed 
considerably greater than that indicated by the kinetic theory. 

It has also been suggested that the molecular diameter of nitrogen 
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pentoxide is effectively much greater for activating collisions, as well 
as for deactivating collisions, than that calculated in the ordinary way 
from the kinetic theory. The difficulty about this suggestion is that 
the calculation of so many reaction rates can be carried out satis- 
factorily with the ordinary diameters; it is therefore rather an a4' hoc 
procedure to alter them to explain one or two anomalous reactions. 

The quantum-mechanical resonance phenomenon, and the actual 
existence of abnormal collision diameters in other connexions, must be 
remembered, of course, but a definite conclusion about this is hard 
to reach. 

When the question of chain reactions has been considered it will be 
realized that forced or improbable explanations of high activation rates 
are now quite unnecessary, and can only be entertained when there is 
positive evidence against the existence of chains. 

The observed rate of the cis-trans isomerization of the dimethyl ester 
of maleic acid,* in contrast with the examples referred to above, is very 
much slower than the possible rate of activation would allow it to be. 
Even if two square terms only are taken for the activation energy, the 
number of potentially activating collisions is about 10^ times greater 
than the number of molecules reacting. For some reason, therefore, 
the collisions are peculiarly unfruitful. Some 'phase' factor plays an 
important part in determining the actual rearrangement of the mole- 
cule. Kistiakowsky and Nelles suggest that this rather unusual circum- 
stance is connected with the fact that the reaction depends upon a 
special kind of mechanical motion, namely a rotation of heavy groups 
around the double bond. It may be mentioned here that very many 
other examples of reactions are known in which the efficiency of the 
potentially activating collisions is small. This applies especially to 
bimolecular reactions in solution. 

► 

Behaviour of Certain First-order Reactions at Low Pressures 
(a) Influence of Foreign Gases, 

It is true of large numbers of reactions that the first-order velocity 
constant has a more or less steady value at higher pressures and 
falls away at lower pressures. According to the . theory outlined in 
the preceding sections, the fall is due to the failure of the collisions 
to maintain the Maxwell distribution at the lower pressures. The pre- 
sence of foreign gases might therefore be expected to prevent or delay 
it. Their action seems to be a highly specific one. 

♦ Amer. Chem. 5oc., 1932, 54, 2208. 
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It is, however, a remarkable fact that in the presence of a sufficient 
concentration of hydrogen the velocity constant in a number of ex- 
amples (propionic aldehyde, diethyl and other ethers) does not diminish 
but retains its normal value exactly when the partial pressure of the 
reacting gas is decreased (see page 129). There is apparently no question 
of any reducing or other purely chemical action of the hydrogen, 
because it is without influence when the initial pressure of the reacting 
gas is above a certain limit, and, moreover, no pressure of hydrogen 
can increase the velocity constant to a value greater than the normal 
limiting value characteristic of higher pressures. The hydrogen thus 
appears to act merely by maintaining the Maxwell distribution of 
energy among the molecules of the reacting gas, when the supply of 
active molecules would otherwise begin to fall short of that required 
to keep the constant at its normal value. 

All this is in complete accordance with expectation; but it is remark- 
able that the action of hydrogen is so specific, and that helium, nitrogen, 
and other gases do not have a similar effect. The molecular velocity 
of hydrogen is much greater than that of any other gas, being nearly 
four times as great, for example, as that of nitrogen. Thus the molecules 
of the reacting gas will suffer approximately four times as many colli- 
sions with hydrogen as they would with nitrogen at the same pressure. 
Helium, which is the only gas with a molecular velocity approaching 
that of hydrogen, has only three degrees of freedom as compared with 
the five of hydrogen and therefore could communicate less energy than 
hydrogen. Qualitatively therefore the exceptional position of hydrogen 
is understandable, but quantitatively the differences seem to be greater 
than can be accounted for in this way. The advantage that hydrogen 
possesses in virtue of its great velocity over all gases except helium, 
and over helium in virtue of its five degrees of freedom, appears to be 
reinforced by some specific factor.* This influence of hydrogen as a 
distributor of energy, although exceptional and specific, is not unique. 
The reaction products in the decomposition of azomethane appear to 
be able to keep the velocity constant at its normal value, since the 
constant does not drop in the course of the reaction in the way which 
would be expected from the falling partial pressure of the reacting gas. 

Studies of the dispersion of sound waves in gases show that energy 
exchanges are in general highly specific. The principle of the method 

* Before a purely ‘chemical’ explanation can bo accepted we must show that it would 
account for the inability of hydrogen to increase the rate beyond the ‘normal’ rate 
(see above). 
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is as follows. The velocity of sound in a gas depends upon y, the ratio 
of the specific heats. At very high frequencies the adiabatic changes 
accompanying the passage of sound through a gas are too rapid to 
allow the establishment of equilibrium between the translational and 
vibrational degrees of freedom of the molecules: thus the effective value 
of y will change at frequencies where the failure of complete energy 
equilibrium sets in. From the curve of this variation it is possible to 
calculate the number of collisions which, on the average, are necessary 
for the transfer of one quantum of energy from the vibrational to the 
translational form. The influence of other gases on the excitation of 
the vibrations of nitrous oxide has, among other examples, been care- 
fully studied. The results are by no means simple to interpret, but 
show that the efficiency of different gases varies betw^een very wide 
limits indeed. 

From the theoretical point of view it appears that the important 
factor in energy transfers is the degree of mutual disturbance of the 
potential-energy curves of the two molecules between which they occur. 
This natiirallj^ leaves room for the most diverse specific influences.* 


^ (b) Form of the Curve Connecting k and Pressure, 

This problem has been treated in detail by Rice and Ramspergerf 
and by Kassel, J who show that the exact form of the curve may be 
used to decide how the transformation probability of the molecule 
depends upon its energy content. Since in a complex molecule the 
energy must become concentrated before actual chemical transforma- 
tion takes place, the chance of reaction ought to increase steadily with 
any excess of energy over the minimum requirement E. The larger 
this excess the sooner will a specified amount find its way into a given 
linkage. 

The following is a simplified treatment of the problem. 

Taking the equation, given on page 75, for the balance between 
activation, deactivation, and transformation, and rewriting it, we 


obtain 

The rate of reaction is 


kiC^~k^ca~k^a ~ 0 . 



1 + 



See Eucken and Becker, Z. physikal. Ghem,^ 1933, B, 20 , 467 ; Franck and Euckon, 
ibid., 460; Eucken and Kiichler, Physikal, Z.^ 1938, 39 , 831 ; Eucken, Oesterr. Chemiker- 
Zeitung, 1935, no. 20, 1 ; and for discussion of relation to kinetics, Patat, Z. Elektrochem., 
1936, 42 , 85, 265. 

t J. Amer. Chem. Soc., 1927, 49 , 1617; ibid., 1928, 50 , 617. 

J J. Physical Chem.^ 1928, 32 , 225. 
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This may be written he, where k is the variable first-order constant. 


Therefore 


k k^c~^ k^ki 


Thus the reciprocal of k plotted against the reciprocal of the initial 
pressure should give a straight line. This argument tacitly assumes k^ 
to be constant. It is, however, reasonable to suppose that the molecules 
with greater energies are more readily transformed chemically, while 
those with smaller energies require longer and, therefore, are relatively 
more often deactivated. The lower the pressure, however, the longer 
is the time during which molecules are left undisturbed: therefore the 
greater is the relative contribution to the reaction from the molecules 
with the smaller transformation probabilities. Now tlie intercept of the 
curve of Ijk against 1/c on the axis is k^jk^k^. The lower the j)re8sure 
the greater is the contribution from molecules with small values of k^, 
so that the intercept is steadily changing: in other words, the line will 
not be straight but will show a characteristic curvature. 

Taken as a whole the experimental results conform best to the idea 
that k^ increases with the energy. Unfortunately, however, two sets of 
complications, which will be outlined in the following sections, make 
the detailed analysis of the curves in some cases meaningless and in 
others doubtful, so that at the moment the idea is supported more 
by its inherent reasonableness than by unquestionable experimental 
evidenc^e. 


Chain Mechanisms, 

That first-order reactions might take place by a chain process was 
first suggested by Christiansen and Kramers* to account for difficulties 
which were felt about the activation rate before the magnitude of the 
contribution from internal degrees of freedom was realized. The kind 
of cliain suggested was one in which the energy of activation, aug- 
mented by the heat liberated in the reaction itself, was handed on from 
the products to fresh molecules of reactant. It was shown that reactions 
depending on such a process could follow a first^^rder law. The objec- 
tion to the theory in its original form was that inert gases, including 
the reaction products themselves, should have helped to dissipate the 
energy and so retard the change. Such retardation is not generally 
observed. 

Several discoveries, however, contributed to place the whole chain 
theory in a new light. 

* Z. j)}njsikal. Chtnt., 1923, 104 , 451. 
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The combination of hydrogen and oxygen, and other combustion 
reactions proved to possess very unusual kinetic characteristics which 
gave unmistakable evidence that long chains were involved. 

The revision of the values for the dissociation energies of simple 
molecules made it clear that the primary formation of free atoms and 
radicals was a less difficult process than had hitherto been imagined, 
and that, therefore, their participation in chemical reactions might be 
plausibly assumed. The undoubted , chain reactions involved in com- 
bustion processes proved to be most easily interpretable in terms of 
mechanisms depending upon atoms and radicals rather than activated 
molecules. 

Paneth discovered that in pyrolytic reactions at high temperatures 
organic radicals such as methyl could be produced, and that they could 
be detected by passage over mirrors of mercury or tellurium w ith which 
they combined giving metal alkyl derivatives. It was, therefore, 
reasonable to use free organic radicals in making hypotheses about 
reason mechanisms. 

v/<F. O. Rice devised possible free radical mechanisms for many reac- 
tions, such as the decomposition of hydrocarbons, without, however, 
producing positive evidence that the reactions did in fact take place 
in this way. Photochemical investigations, nevertheless, showed that 
several organic decomposition reactions could occur by the radical 
mechanism, the photolysis of acetaldehyde at 300 ° C., for example, 
being found to have a quantum yield of several hundred.* 

Rice and Herzfeldf investigated the reaction orders to which various 
hypothetical chain mechanisms would lead: and with plausible assump- 
tions about various dissociation energies showed in a large number of 
examples that the j)ropagation of radical chains should be possible. 
This still leaves open the question as to how far the radical mechanisms 
do in reality operate in thermal reactions, especially at temperatures 
where the rates can be measured. 

The problem now assumes the following aspect. In the decomposition 
of a substance such as acetaldehyde, the initial production of a free 
radical by a process such as CH3CHO — CHg-f-CHO will require a 
much higher activation energy than the alternative process of direct 
molecular rearrangement to CH4 and CO. It will indeed require an 
energy equal to the strength of the carbon-carbon link, which is not 
less than about 80,000 calories per gram molecule: while the observed 

* Leermakers, J. Amer, Chern. Soc., 1934, 56, 1537. 
t Bice and Herzfeld, ibid., 1934, 56, 284. 
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activation energy of tke reaction is about 47,000 calories. On the other 
hand, once the first free radicals are produced, they will enter into 
chains of reactions in which they are repeatedly regenerated: and these 
reactions will require very little activation energy in comparison with 
the primary process, or even compared with the direct molecular re- 
arrangement. Therefore chains of great length may be propagated. We 
have then the possibility of two competing processes: on the one hand, 
the relatively easy rearrangement of the original molecule to give 
saturated products in a single act; and, on the other hand, the much 
less likely process of radical formation, the effect of which, however, 
is magnified many times over by its catastrophic consequences. Which 
mode will on balance predominate and contribute most to the observed 
reaction is impossible to predict. Experiment alone can decide. 

The upshot of various investigations seems to be that the chances 
are rather evenly balanced: that in some reactions the chain processes 
play an important part, and in others a negligible one. Sometimes the 
photochemical reaction may take place by a mechanism involving long 
chains, while the corresponding thermal reaction is a direct molecular 
rearrangement. On the whole it may be said that chain processes play 
an important but not a predominant role. General statements of this 
kind are, of course, often enough subject to modification as the number 
of examples investigated grows larger. 

It seems probable, to quote a few examples, that the thermal and 
photochemical decompositions of acetone are not chain reactions, that 
the thermal decomposition of acetaldehyde is chain-free while the 
photochemical reaction at 300° involves chains of several hundred 
units: that with the ethers there is a mixture of chain reaction and 
direct rearrangement, the proportion of chain reaction diminishing as 
the homologous series is ascended. 

If free radicals are introduced artificially into a reaction system, they 
may initiate chain processes which would not be making an appreciable 
contribution in the normal way. Many interesting observations of this 
kind have been made:*** they show the possibility of chain processes in 
various systems, and sometimes their non-occurrence in others, but 
cannot be taken to show that the normal reaction of a given substance 
is necessarily of the chain type. 

Before discussing the criterift by which the presence of radical chains 
may be judged, it will be convenient to consider the relation between 

* Sickman and Allen, J. Amer, Chem. Soc., 1934, 56, 1261 ; Rice, Rodowskas, and 
Lewis, ibid., 1934, 56, 2497. 
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reaction rate and pressure in such changes. It wiU appear that this 
does not differ so much from that predicted by the Lindemann theory 
as to make a decision between the two mechanisms easy without the 
aid of independent information. 

Relation between Rate and Pressure in Radical Chain Reactions. 

Case 1 . This may be illustrated by calculations based upon a hypo- 
thetical mechanism for the thermal decomposition of acetaldehyde. 

CH3CHO - CH3+CHO (1) 

CH3CHO+CH3 == CH^+CO-f CH3 (2) 

2 CH 3 C^He. (3) 

The concentration of methyl radicals in the system will increase until 
the rate of formation is equal to the rate of removal. Assuming the 
primary reaction (1) to be of the first order, and (2) and (3) to be of 
the second order, we have: 

= ^:i[CH3CHO]-^:3[CH3]2 = 0, 

whence [CH 3 ] = y [CH 3 CHO]h 

The reaction rate is 

_(i[CE^CHOJ ^ jt^[CH3CHO]+fc2[CH3CHO][CH3], 

Civ 

and since the first term is negligible compared with the second when 
the chains are long, this becomes 

Although some violence must in fact be done to the experimental 
data for acetaldehyde itself to make them fit this equation (e.g. by 
ignoring the results for part of the pressure range studied), it is obvious 
that a reaction of the order three-halves may be difficult to distinguish 
over a limited range from one showing a gradual transition from the 
first order to the second. This is especially true when the form of this 
transition is itself a matter of some uncertainty, as the discussion of 
the last section but one showed, and that of the next but one will show 
still more clearly. 

4672 


N 
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Case 2. The essential characteristics of this case can be illustrated 
by the following hypothetical chain which would account for most of 


the decomposition products of diethyl ether. 

CaH^OCsHg = CHgH-CH^OC^Hs (1) 

CHe+C^HsOC^H, C^He+CH.OC.H, (2) 

CH2OC2H5 = CH3+CH3CHO ( 3 ) 

CH3+CH2OC2H5 “ end of chain. ( 4 ) 


(As a matter of fact, ethyl radicals could also be produced in (1), and 
(2) might be C2H5+C2H5OC2H5 - C2H6+CH3.CH.OC2H5. Free radi- 
cals probably attack hydrogen atoms more readily than they attack 
saturated carbon atoms, so that the latter scheme may be the more 
nearly correct one. It leads to the same result as that written out, 
though not quite so simply.) 

Assuming (1) and ( 3 ) to be of the first order, and (2) and ( 4 ) to be 
of the second order, and writing the concentration of CH3 as [i?], that 
of CHoOCgHg as [/S], and that of the ether as [^ 1 ], we have: 


Solving, we find 



and since nearly all the ether is supposed to be decomposed in (2) rather 
than (1), we have 


4C2H5QC2H3] 

dt 




Thus the overall reaction appears as one of the first order. 

Several things in these two calculations ipust be observed closely. 
In the first place, the primary process has been assumed to be strictly 
of the first order. The question of its own mechanism then arises. If 
it remained of the first order at all pressures, the well-known difficulty 
with which Perrin started the whole modern discussion of unimolecular 
reactions would arise afresh. In reality, therefore, the pressure de- 
pendence of both types of reaction must be more complex than that 
which we have just worked out. In case (2), the fact that the overall 
order works out to be the same as that of the primary process means 
that the chain-length is independent of pressure. If, therefore, a reaction 
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did occur according to this scheme, and if it showed a characteristic 
pressure dependence, then that dependence would be characteristic of 
the primary process itself, and we should have the opportunity of 
applying, as it were at one remove, the Lindemann mechanism, to 
explain it. 

The second thing to observe is what difference in the assumed 
mechanisms makes case (1) jdeld the order 1*5, while case (2) yields 
the order unity. The crucial matter is the mode of chain-breaking. In 
case (2) the radical CHgOCgHg is postulated: which is not actually a 
chain propagator, but must be assumed to suffer a thermal decomposition 
of its own before it yields something capable of continuing the chain: 
and the chains are broken by the combination of the methyl radicals 
themselves with this non-participating radical. In case (1), on the other 
hand, the chains are broken by recombination of two of the actual 
participating radicals with each other. These distinctions are important 
(cf. page 131). 


Criteria of Radical Chains in Thermal Reactions 
{o) The Para-hydrogen Method. 

In presence of hydrogen a methyl radical will readily undergo the 
following reaction: CHg+Hj = 

and in the steady state the concentration of hydrogen atoms will bear 
a definite ratio to the concentration of the methyl radicals. If para- 
hydrogen is used it will be transformed into the equilibrium mixture 
of ortho- and para-hydrogen at a rate which is proportional to the 
concentration of atoms, the mechanism of the transformation being 
known to be 


p-Hg-fH = H-f o-H, 


2 > 


and the velocity constant having been established. 

Patat and Sachsse* adapted this method to determine the concentra- 
tion of methyl radicals prevailing during the thermal decomposition of 
such substances as dimethyl ether, acetaldehyde, ethane, and acetone. 
They concluded that, although free radicals were usually detectable in 
the system, the concentration was very much smaller than would be 
required by the reaction mechanisms of Rice and Herzfeld. The fraction 
of the total number of molecules decomposing which yielded radicals 
was estimated at between 0*1 and 1%. According to this result the 
chain processes play the part only of side reactions, the main contribu- 
tion coming from the direct rearrangement to stable molecules. 

* Z, ph/yHkal, Chern,, 1935, B, 31, 106; 1936, B, 32, 294. 
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The quantitative results of Patat and Sachsse, however, depend upon 
a knowledge of the ratio of the velocity constants for the interaction 
of methyl radicals with hydrogen, and of hydrogen atoms with the 
organic substance. This introduces some uncertainty into the results. 

(b) The Nitric Oxide Method,"^ 

The most direct evidence for the participation of radical chains in 
the decomposition of certain organic compounds comes from the study 
of the influence of small quantities of nitric oxide, which exert, in some 
instances, a remarkable inhibiting effect. 

One millimetre of nitric oxide may reduce to a fraction of its original 
value the rate of reaction of several hundred times its own amount of 
the organic substance. The nitric oxide is gradually used up, but 
usually only slowly. For example: 2 mm. nitric oxide will last out the 
decomposition of 400 mm. diethyl ether which in the meantime is 
reacting at about one-third the normal rate. Sometimes the nitric oxide 
may be used up before the decomposition is over. This occurs with 
dimethyl ether, but even here some 20 molecules of the ether decompose 
at a greatly reduced rate before the one of nitric oxide is consumed 
and the rate rises rather abruptly to normal again. The first detectable 
products are oxidation products of the organic compound, reduction 
products of nitric oxide, such as ammonia,! and sometimes traces of 
cyanide,! but these must be the result of a series of changes, probably 
starting with the direct union of an organic radical and the nitric oxide, 
which, electronically, is itself a free radical. 

A plausible scheme which explains these facts is as follows: 

CH3+NO - CH3NO - HgC : NOH - HCN+HgO, 

together with other secondary reactions. 

Since one molecule of nitric oxide, by reacting with something in the 
system, can stop the reaction of several hundred molecules of an organic 
compound, the something which it removes in its own reaction must 
normally have been responsible for the decomposition of a large number 
of molecules. This process is, by definition, the breaking of a chain. 

The next important fact is that in many examples the nitric oxide 
reduces the reaction rate, not to zero but to a quite definite limit. The 

* Staveley and Hinshelwood, Nature^ 1936, 137, 29; Proc, Roy. Soc., A, 1936, 154, 
335 ; J.C.S., 1936, 812; Proc. Roy. Soc., A, 1937, 159, 192; J.C.S., 1937, 1668; HinsheL 
wood and Staveley, J.C.S., 1936, 818; Mitchell and Hinshelwood, Proc. Roy. Soc,, A, 
1937, 159, 32; Staveley, Proc. Roy. Soc., A, 1937, 162, 667; Hobbs and Hinshelwood, 
Proc. Roy. Soc., A, 1938, 167, 439, 447; Hobbs, ibid., 456. 

t Thompson and Meissner, Nature, 1937, 139, 1018. 

t KOchlev, private communication. 
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rate does not in general simply fall to a minimum and then rise again, 
but remains steady at the limit over a relatively wide range. With 
ether, for example, it falls rapidly over the range 0-2 mm. and then 
remains nearly constant for about ten times this range. Later the late 
rises again, large amounts of nitric oxide showing a positive catalytic 
effect as well as undergoing an appreciable reaction with the ether. 



Eig. 8. Showing liow the reaction velocity reaches 
a steady limiting value as the nitric oxide pressure 
increases. The upper curve (open circles) is for 100 mm. 
of hexane at 530“ C., thf^ lower (full circles) for 150 mm. 
of ethane at 620° C. 

The activation energy of the reaction which remains after tlie nitric 
oxide has exerted its niaximuih inhibiting effect is often much smaller 
(by 20,000 calories or more) than could correspond to the breaking of 
a bond and the production of a free radical. It is therefore natural to 
suppose that it corresponds to the direct rearrangement process, rather 
than simply to the primary process of the chain -reaction itself. There 
is good reason to believe from independent evidence that a negligibly 
small proportion of molecules are concerned in the primary radical 
formation, as will appear presently. 

The doubt naturally arises as to whether the limiting rate really has 
quantitative significance or whether it may not be simply a minimum, 
representing a state where nitric oxide starts as many chains as it stops. 
This view is difficult to reconcile with several facts, (1) The extreme 
definiteness of the limit in many examples. In Fig. 8 the limit does 
not in the least resemble a minimum of the kind suggested. (2) The 
reduction of the quantum yield in the photochemical decomposition 
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of acetaldehyde from several hundred to nearly unity by the addition of 
nitric oxide. (3) The admission of minute amounts of nitric oxide into 
a stream of ether issuing from a furnace at 800® C. inhibits the removal 
of tellurium mirrors. (4) The positive catalytic effect which appears at 
higher pressures of nitric oxide is a phenomenon on a different scale 
from that of the inhibition and could hardly be supposed to compete 
on equal terms with it. 

These and other facts led to the h3rpothesis that nitric oxide can 
suppress all the chains, and that absence of inhibition may in suitable 
cases be taken as evidence for the absence of chains. For example, the 
decomposition of dimethyl ether is subject to a marked inhibition: that 
of acetone, which should give quite similar radicals, shows no inhibition 
at corresponding temperatures, and is therefore probably not a chain 
reaction at all. 

According to the hypothesis, the ratio of the original rate to the 
limiting rate gives information about the proportion of chain reaction 
present in a given example. The ratio may be called for convenience 
the mean chain-length: the convention underlying this is that a direct 
rearrangement to saturated products is called a chain of unit length. 
The values found for the mean chain-length are usually rather small: 
they fall from 17 for dimethyl ether to 1-4 for di-isopropyl ether at 
540®; from 17*8 for ethane at 100 mm. pressure and 600® to 1*9 for 
hexane at 530® and 100 mm. pressure. The values for acetaldehyde and 
for acetone are unity, i.e. there is no evidence of chains. 

The variations of mean chain-length with pressure conform to two 
types corresponding closely to types 1 and 2 of the preceding section. 

The mean chain-lengths are small because very few of the primarily 
decomposing molecules give radicals at all. But the average absolute 
length of the chains set up by these few radicals must be great. It may 
be estimated in the following way. Photochemical measurements show 
that approximately one molecule of nitric oxide is used up for every 
chain broken. Assuming that the same is true of the thermal reactions, 
and estimating the consumption of nitric oxide during the inhibition 
period, we know how many chains are broken, and dividing this into 
the number of molecules which would have reacted we obtain the chain- 
length. It works out at about 400 for dimethyl ether, and is probably 
longer for diethyl ether, the numerical values being difficult to obtain, 
since the consumption of nitric oxide is small. 

Summarizing, we may say that the application of the nitric oxide 
method shows quite certainly that chains are present in many organic 
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decomposition reactions: that it shows them probably to be entirely 
absent in others under comparable conditions; and that it suggests, in 
general, a competition between frequent molecular reactions of low 
activation energy and infrequent radical formation followed by long 
chains. In other words, many such decomposition reactions appear to 
be kinetically composite. Before drawing conclusions, therefore, from 
kinetic measurements, it is necessary to determine what contributions 
come from chain processes, and then, if desired, to suppress these and 
re-examine the kinetics of the residual reaction. 

Taking the most careful stock of all the facts known at present it 
seems to be just to say the following of one typical example: the thermal 
decomposition of diethyl ether. There is a considerable contribution 
from a chain reaction, which shows in detail the characteristics of type 2 
(Rice and Herzfeld) of the last section: that there is also a non-chain 
reaction which shows the characteristics discussed in the earlier parts 
of this chapter, and involves the direct decomposition of the molecule 
activated in about nine degrees of freedom. The experimental evidence 
for this statement is more fuUy reviewed in the next chapter. 

Some confusion may arise in the discussion of chain processes unless we 
distinguish between two senses in which we might refer to the contribu- 
tion of chain reactions to the total change. Since the activation energy for 
the initial production of radicals is usually from 10,000 to 30,000 calories 
greater than that for the direct molecular reaction, it is obvious that the 
number of primary processes which initiate chains is extremely small 
compared with the number which give saturated products directly. In 
this sense we may refer to the chain-producing reaction as a relatively 
unimportant side reaction. On the other hand, the length of the chains 
may be such that if we compare, not the numbers of primary processes 
but the actual numbers of molecules decomposed, then we may have 
to say that the contribution of the chain reaction is considerable. 

If the hypothesis that the nitric oxide in the limit suppresses all the 
chains, despite its probability, proves to be incorrect, it will be neces- 
sary to explain the distinction between the repressible and the iiTC- 
pressible types, and this will doubtless lead to a further increase in our 
understanding of the processes concerned. 

Another Form of Composite Reaction Mechanism which may be shown 

by Molecules of Intermediate Complexity. 

The considerations which follow are to be taken to apply to reactions 
in which chain processes are absent, or have been allowed for. 
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As has appeared in previous sections, the relation between reaction 
rate and pressure in a large class of reactions is such that the reciprocal 
of T, the half-life of the reacting substance, gives a curve of type 1 or 2 
when plotted against the initial pressure. (The precise shape of the 
curve before it has become horizontal depends, as already mentioned. 



upon how the probability of transformation of the activated molecules 
varies with the total energy.) 

In a molecule of moderate but not too great complexity it is not 
impossible that there may be several distinct modes of activation, 
corresponding to particular divisions of the energy among a limited 
number of vibrational (or rotational) degrees of freedom.* To a first 
approximation each of these modes may be associated with a separate 
probability of transformation, because internal redistribution may be 
difficult without collisions. Thus the total rate of reaction will be 
roughly the sum of several virtually independent rates, each varying 
according to a curve of the type 1, 2, or 3. Since each of these reaches 
its limit at a different pressure, the total rate may vary with pressure 
according to a composite curve of type 4, with fairly rapid changes of 
direction at a, 6, and so on. The simplest types of molecule may give 
curves which do not bend at aU, at least up to high pressures, moderately 
simple molecules curves with a limited number of segments of decreasing 
slope, while complex molecules with many degrees of freedom will give 


♦ Hinshelwood and Fletcher, NcUure, 1933, 131, 24. 
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curves in which the segments merge into a single line without any 
noticeable changes of direction at particular stages. 

The equation of the composite curve in a real example would be 
complicated, since the assumption of virtually independent reactions 
is to some extent an idealization. Further, the variation of all the 
transition probabilities with total energy may also complicate matters. 

It is quite possible, however, that some kind of composite curve is 
the most general form for molecules of 'intermediate complexity’. The 
behaviour of nitrous oxide at lower pressures, in comparison with its 
behaviour at higher pressures, can be accounted for if we assume the 
complete curve to consist of several segments in this way. 

The behaviour of acetaldehyde, and especially the gradation in 
behaviour shown in the series formaldehyde, acetaldehyde, propionic 
aldehyde, chloral,* may also be interpretable in this way — though, as 
will have become evident in the course of this chapter, decisions between 
possible theories are not always easy. 

* See page 137. 
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SOME TYPICAL UNIMOLECULAR AND BIMOLECULAR 

REACTIONS 

In this chapter we shall consider more fully the experimental results 
relating to a series of tj^ical reactions. 

The classification of chemical reactions proves to be very much more 
difficult than used to be thought. The established variability of the 
order of reaction removes one valuable criterion; the uncertainty 
whether a second-order reaction is really bimolecular, or whether it 
may prove at higher pressures to become of the first order and so reveal 
itself as essentially unimolecular, removes a second criterion. The fre- 
quent occurrence of composite mechanisms, as when chain processes 
take place side by side with molecular rearrangements, increases the 
difficulty of classification. The real unities and regularities reside in 
the underlying statistical principles. Some of these have been discussed 
in the course of the foregoing pages: and it now remains to try and 
discern their existence in some special examples. 

Some Typical Reactions of the Halogens and their Compounds 

The examples chosen are the union of hydrogen with iodine, bro- 
mine, and chlorine respectively; the decomposition of hydrogen iodide ; 
the combination of bromine atoms; and some typical decomposition 
reactions of oxides of chlorine. 

The first set illustrate the interplay of atomic and molecular mechan- 
isms. Hydrogen and iodine combine by way of activated molecules: 
with bromine and chlorine, however, there is a more economical reaction 
path by w^ay of the initial dissociation of the halogen into atoms. This 
arises simply from a quantitative difference in the activation energies — 
a natural consequence of the gradation in properties of the halogens in 
the periodic system. Yet it makes the kinetics of the various reactions 
almost unrecognizably different. The formation and decomposition of 
hydrogen iodide illustrate the kinetics of two opposing reactions: and 
each is a good example of the simplest type, where the observed rate 
of change is nearly equal to the rate of activation by collision. The 
combination of bromine atoms provides an interesting example of 
indirect analysis ; while the decomposition reactions of chlorine oxides 
show how chemical complexities may be superposed on an underlying 
kinetic simplicity. 
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The study of the reactions of the halogens and their compounds has 
played an important part in the understanding of mechanisms involving 
free atoms, and of the relation of atomic to molecular mechanisms. 

(a) The Union of Hydrogen and Iodine. 

The velocity of combination of hydrogen and iodine was measured 
by Bodenstein. Known amounts of hydrogen and iodine were sealed 
in bulbs and heated for given times, after which the fraction of iodine 
transformed into hydrogen iodide was determined. 

It was impossible to work with equimolecular amounts, and the 
velocity equation therefore assumes the form 



where a is the initial concentration of hydrogen, and h that of iodine. 
X is the amount of hydrogen iodide formed at time t. 

In Bodenstein ’s experiments a, b, and x are all expressed as fractions 
of ‘normal concentration’, that is, the concentration at which the sub- 
stances would each exert a pressure of 760 mm. at O'^C. 

Integration by means of partial fractions gives 

( a+b—m \ 

^ l~-4K ^ , ^^a+b—m\ 

^^\i+b+m_ ^ ^\i+b+7n r 

r-4A" 1 

where m = yJ{{a+bY—4ab(\ — 4K)] 

and K = kjk', k being known from previous experiments on the 
hydrogen iodide decomposition. 

The following is a typical series of experiments carried out at 393° C. 


t 

a 

b 

X k' 

(minutos) 

120 

0-4681 

0-2797 

0-3239 0-0394 

120 

0-4681 

0-3703 

0-4061 0-0392 

60 

0-4681 

0-5492 

0-3561 0-0358 

30 

0-4681 

0-9865 

0-3534 0-0378 

30 

0-4681 

1-2230 

0-4019 0-0336 

122 

0-9086 

0-2101 

0-3599 0-0416 

45 

0-9086 

0-4608 

0-4405 0-0370 

30 

0-9086 

0-6039 

0-4448 0-0390 

15 

0-9086 

1-3890 

0-5190 0-0358 

15 

0-9086 

2-2410 

0-8076 0-0393 


The considerable range of variation of a and b is to be noted, the con- 
stancy of k' under these circumstances being good evidence that the 
biraolecular law is followed. 
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The measurement^ showing the influence of temperature are given 
in the following table. The units are the original ones of Bodenstein, 
namely time in minutes, and concentrations in gram molecules per 
22-4 litres. 


T (abs.) 

k' 

781 

3-58 

716 

0-375 

700 

0172 

683 

0-0669 

666 

0-0379 

647 

0-0140 

629 

0-00676 

599 

0-00146 

575 

0-000353 

556 

0-000119 


From these, using the equation dlogk' j (IT = EjBT^, Lewis derived 
a value of E of 40,000 calories for the gram molecule of hydrogen plus 
the gram molecule of iodine, and investigated whether it is possible to 
calculate the absolute rate of reaction by assuming that all collisions 
between activated molecules lead to combination. 

At 700® abs., taking a as 2x 10“® cm., the calculated value of k' was 
14x10-2. 

The experimental value with the time measured in minutes and the 
concentration in gram molecules per 22-4 litres is 0-172. When the units 
are changed to seconds and gram molecules per litre the value becomes 
6 - 4 x 10 - 2 ^ which must be regarded as good agreement with the caL 
culated value when it is borne in mind that the calculation is absolute. 

^{b) The Thermal Decomposition of Hydrogen Iodide, 

Bodenstein* also made a comprehensive study of the equilibrium 
between hydrogen, iodine, and hydrogen iodide, and a complete series 
of measurements of the velocity of decomposition of hydrogen iodide 
at various temperatures. We are concerned now with the kinetic 
measurements only. He used the method of sealing up the reacting 
gases in bulbs and analysing the products after keeping for a known 
time in a thermostat, usually a vapour bath. The bulbs used in the 
decomposition experiments were filled with hydrogen iodide at 0® and 
7G0 mm., and contained initially, therefore, one gram molecule in 22-4 
litres. If X is the fraction of the hydrogen iodide decomposed after 
time t, then since the reaction is a reversible one, 

$ = Jc{l-xy-k'(xl2)K 
dt 

* Z, physikal. Chem,, 1899, 29 , 295. 
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If I is the fraction decomposed at equilibrium, 

9 

logio 


whence 


2^-1 


^—x 


( 2 ^- 1 ) 


0-8686 


Thus k can be calculated from the amount decomposed m time t and 
the amount decomposed at equihbrium. The values of h calculated in 
terms of x and ^ in this way are not independent of the initial con- 
centration, which, in the experiments, was actually one gram molecule 
in 22-4 litres. In the second column of the table below, Bodenstein’s 
values of k are given, the time unit being the minute, and in the third 
column are given the values of k recalculated, with the time expressed 
in seconds, and the concentrations in gram molecules per litre instead 
of per 22-4 htres. 


Decomposition of hydrogen iodide 


(abs.) 

k 

k 


Time in minutes. 

Time in seconds. 


Cone, in gram mole- 

Cone, in gram mole- 


cules per 22-4 litres 

cules per litre 

781 

01069 

00395 

716 

000670 

000260 

700 

000310 

0W116 

683 

000137 

0000612 

666 

0000588 

0000220 

647 

0000230 

00000859 

629 

00000809 

00000302 

675 

000000326 

0-00000122 

566 

0000000942 

0-000000352 


Fig. 1 a (page 43) shows that when log k is plotted against the reci- 
procal of the absolute temperature an excellent straight line is obtained. 

The molecular statistics of the reaction have already been discussed 
(page 46). 

Kistiakowsky* investigated the reaction over a much wider range 
of concentration, from 0*02 to 7 gram molecules per litre, i.e. up to 
several hundred atmospheres. He found the reaction to be homo- 
geneous, and strictly bimolecular over the whole range of concentration. 
At the higher pressures there is an apparent increase in the velocity 
constant, which seems to be due to the fact that at high concentrations 
the collision number is no longer proportional strictly to the square of 

* */. Amer. Chem. Soc., 1928, 50, 2316. 
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the pressure, and a. correction, depending upon the volume actually 
filled by the molecules, must be introduced. The correction factor is 

V ~~ 77 , where N is the number of molecules per unit volume and b 
l—Nb 

is four times the actual volume of the molecule, assumed spherical. 
The value of b required to give the observed change of k with pressure 
is in good agreement with the known size of the hydrogen iodide 
molecule. 

The observed values of k at lower concentrations are in very good 
agreement with Bodenstein’s values. 

Kistiakowsky finds that intensive drying makes no difference to tlie 
results. 


(c) The Union of Hydrogen and Bromine, 

The thermal combination of hydrogen and bromine, and of hydrogen 
and chlorine, might be expected to be reactions analogous to the com- 
bination of hydrogen and iodine. 

The formation of hydrogen bromide from its elements takes place, 
however, in an unexpectedly complicated manner. Bodenstein and 
Lind* measured the velocity at 200° to 300° C. and found that it could 
be expressed by the equation 


4HB r] 

dt 


[HBr] ’ 


m 


m being a constant. 

The interpretation of this curious result was given by Christiansen, f 
Polanyi, J and Herzfeld.§ The reaction is assumed to take place in the 
following steps: 


(1) Br^= 2Br, 

(2) Br-fHg “ HBr+H, 

(3) H-fBrg - HBr+Br, 

(4) H+HBr - Hg+Br. 


(1) is the ordinary thermal dissociation of bromine, which, at 200° to 
300°, can only give rise to a very small number of bromine atoms. 
Their concentration will be proportional to the square root of the total 
bromine concentration : and it is, indeed, the appearance of the square 
root term in the velocity equation which gives the clue to this step. 

* Z. phyaikal. Chem., 1906, 57, 168. 
t Danak. Vid. Math. Phya. Medd., 1919, 1, 14. 
i Z. Elektroehem., 1920, 26, 49. 


§ Ibid., 1919, 25, 301. 
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Bromine atoms having been once formed, step (2) is the obvious, and 
indeed the only likely one to assume; it is natural also for it to be 
followed by (3). The assumption of step (4) is suggested by the experi- 
mental fact that hydrogen bromide retards the reaction, and must 
therefore be assumed to remove one of the chain-propagating atoms. 
But the retardation is found to be less the greater the bromine con- 
centration : hydrogen and hydrogen bromide must therefore be in com- 
petition for the atom in question, which is thus identified as the 
hydrogen atom. 

Expressing the fact that the rate of formation of hydrogen bromide 
is the sum of its rates of production in (2) and (3) less its rate of 
destruction in (4) we have 

Further, the concentration of hydrogen atoms must be constant after 
the first few instants of the reaction, or the rate of reaction would 
steadily increase. This stationary state is expressed by the equation 

® = A;3[BrJ[H3]-l-3[H][BrJ-A-,[H][HBr] 0. 

Finally, we have for the bromine dissociation 

[Bvf - 

Eliminating [H] and [Br] we obtain the experimentally found formula. 


^{d) The Combination of Bromine Atoms 2Br == Brg. 

An ingenious method of finding the velocity of this reaction was 
employed by Bodenstein and Liitkemeyer.* The results, although 
approximate only, afforded the first information that had ever been 
obtained about the kinetics of reactions between free atoms. The 
method depended upon the conclusions outlined in the previous section 
relating to the hydrogen bromide formation. 

It was based upon a comparison between the rate of hydrogen 
bromide formation in the dark and the rate of formation under the 
influence of light. The photochemical reaction proceeds in accordance 
with the equation 


dt 


A:^(light absorbed)[H2] 
fHBr] * 

■ M 


7«'+' 


• Z. phyaikal. Chem., 1924, 114 , 208. 
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The mechanism, therefore, appears to be exactly analogous to that of 
the thermal reaction, except that the bromine atoms are now provided 
in much larger numbers than before, being produced not merely by the 
ordinary thermal dissociation but by the reaction 

(1) Br 2 +/^J^ --- 2Br, 

hv being the quantum of light absorbed in the photochemical dissocia- 
tion of the bromine. This reaction is regarded on good grounds as the 
primary photochemical process, and is followed as before by the series 
of purely thermal reactions 

(2) Br+Hg - HBr-f H, 

(3) H-f Br^ = HBr+Br, 

(4) H+HBr-Hg+Br. 

Simultaneously there occurs the reaction 

(5) Br+Br = Brg. 

These assumptions lead, by the same method of calculation as that 
used in the case of the thermal reaction, to the correct velocity equa- 
tion. It is to be noted that since (2) is followed by either (3) or (4) the 
actual formation of hydrobromic acid does not use up the supply of 
atomic bromine, and a stationary concentration of bromine atoms is 
established by the balancing of the rate of their photochemical forma- 
tion (1) and the rate of their thermal recombination (5).* 

This stationary concentration determines the rate of hydrogen bro- 
mide formation. The photochemical reaction is about 300 times as fast 
as the thermal reaction at the same temperature (160° to 218° C.). 

This means that in the photochemical reaction the concentration of 
the bromine atoms which prevails is about 300 times greater than 
in the dark reaction, since all other parts of the reaction mechanism 

♦ An interesting point connected with the processes Cl^ = 2C1 and Br, = 2Br arises 
from a comparison of the photochemical formation of hydrogen chloride and that of 
hydrogen bromide. The rate of the former reaction has usually been found to be pro- 
portional to the first power of the light intensity, that of the latter to the square root 
of the intensity. This difference is due to the fact that the chlorine atoms formed by 
the process Cl,4-Av == 2C1 are used up as quickly as formed; thus the rate of reaction 
is determined by the rate of dissociation of the clilorine which in turn is proportional 
to the light intensity. On the other hand, the bromine atoms formed by the process 
Br,-f = 2Br are not used up nearly so efficiently, and much recombination occurs. 
The rate of reaction with hydrogen is proportional to the concentration of Br atoms at 
any moment. Since the rate of dissociation is proportional to [Br,] X intensity and the 
rate of recombination to [Br]*, we have [Br] proportional to -^([Br,] x intensity). When 
the hydrogen-chlorine system is so carefully freed from inhibitors that few chlorine 
atoms are destroyed by them, recombination becomes important, and the square root 
law appears, as Chapman and Gibbs foimd. 
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are identical. The rate of combination is simply an indicator of the 
concentration of atomic bromine. Thus this concentration is found by 
the relation 

(cone. Br at any stage of photo reaction) 

t j 1 X f speed of light reaction 

= (cone. Br in dark reaction) x ~ r— 

[speed of dark reaction 

The concentration of bromine atoms in the dark reaction is known from 
the concentration of molecular bromine and the thermal dissociation 
constant of bromine ; hence that prevailing at any stage of the jihoto- 
chemical reaction is found. 

The rate of production of bromine atoms by light is estimated on 
the basis of Einstein’s law, which requires one molecule of bromine to 
be dissociated for each quantum of light absorbed. In the stationary 
state the number of bromine atoms recombining thermally in unit time 
is equal to this rate of photochemical formation. Thus the number of 
bromine atoms which recombine per second at a known atomic con- 
centration is found. In this way Bodenstein and Liitkemeyer found 
that about one collision in a thousand between bromine atoms results 
in combination. This number is of the right order of magnitude only, 
since the estimation of the number of light quanta absorbed was not 
very certain, and a value based only on analogy had to be assumed 
for the diameter of the bromine atom. 

Bodenstein and Muller* attempted to employ a second method de- 
pending upon the marked retardation of the hydrogen bromide forma- 
tion by iodine. The iodine was assumed to react with the atomic 
hydrogen and thus prevent the main reaction. If sufficient iodine were 
added to remove practically all the hydrogen atoms produced, the rate 
of hydrogen bromide formation would be reduced to the rate of thermal 
formation of bromine atoms from molecules. This, in conjunction with 
the equilibrium constant of the bromine dissociation, would give the 
rate of reunion of the atoms. Further investigationf showed that the 
retardation by iodine had a cause other than the removal of hydrogen 
atoms: the reaction Ig+Brg = 2lBr takes place, and thus diminishes 
the concentration of the bromine atoms. 

e) The Union of Hydrogen and Chlorine. 

The thermal union of hydrogen and chlorine is a chain reaction. It 
appears to follow a mechanism of the same general type as that of the 

♦ Z. Elektrochem.t 1924, 30, 416. t Muller, Z. phyaikal. Cfiem.t 1926, 123, 1. 

4672 p 
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photochemical reaction, which has been much more elaborately in- 
vestigated. 

Although a detailed consideration of photochemical changes is really 
outside the province of this book, it will nevertheless be useful to 
summarize certain general results which have a bearing on the whole 
problem of chemical reaction velocity. 

Only light which is absorbed by one of the reacting substances can 
be chemically active, but absorption, although a necessary, is not a 
sufficient condition for reaction. Of frequencies corresponding to ab- 
sorption bands in different parts of the spectrum some may be effective 
and some not. 

Light is absorbed by atoms or molecules in quanta of magnitude hv, 
where v is the frequency of the light and h is Planck’s constant. 

It is clear that in a purely photochemical reaction there must be at 
least one quantum absorbed for each molecule which becomes activated. 

For visible light the hv is a very large quantity compared with the 
ordinary thermal energy of a single molecule. There is therefore a cer- 
tain likelihood that the effectiveness or otherwise of a quantum of light 
will not, in simple cases, be profoundly influenced by minor variations 
in the internal state of the molecule due to purely thermal causes. If, 
therefore, the disturbance produced in a molecule by the absorption 
of the quantum of light is great enough to cause its transformation in 
one case, it will do so in all. 

In simple instances, therefore, we should expect to find one molecule 
transformed for each quantum of light absorbed, provided that the light 
is active at all. This is Einstein’s law of photochemical equivalence. 

With regard to the photochemical effectiveness of light of different 
frequencies, we should expect that there would be a limiting frequency 
above which the quanta are large enough to activate the molecules and 
below which they are ineffective. Above this critical frequency the 
effect of the light would be proportional simply to the number of 
quanta which it contained, that is, for equal intensities would diminish 
slightly as the frequency increased. Belaw the critical frequency the 
light would be ineffective. It is also possible that quanta too small to 
be effective at low temperatures might become effective in activating 
molecules already partially activated by an increase of temperature. 

A good example of a ‘photochemical threshold^ is found in the system 

light 

2NO« ^ 2 NO+O 2 . Norrish* showed that at 436 /a/x the ‘quantum 

dark 

* J. Chcm. Soc„ 1927, 761; 1929, 1158, 1604, 1611. 
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efficiency' was zero, while at 405 /x/x it was 0-74 rising to 2 at shorter 
wave-lengths. 

Deviations from Einstein's law can occur in true photochemical 
reactions owing to the degradation of the absorbed light energy into 
thermal energy as a result of collisions with other molecules which the 
activated molecules suffer before they have a chance to react. This 
makes the number of quanta absorbed greater than the number of 
molecules transformed. More commonly the 'quantum yield' is greater 
than unity, since processes of the following type take place: 

m+hv = H+I, 

H+HI - H2+I, 

I+I - I2. 

This gives two molecules of hydrogen iodide decomposed for each 
quantum absorbed. A quantum yield of two is characteristic of a very 
large class of reactions. 

A simple relation between number of quanta and molecules trans- 
formed would be found if two or more quanta were actually needed 
to activate each molecule for chemical transformation. In this event, 
however, it is easily shown that the rate of reaction would be nearly 
proportional to the nth power of the light intensity, where n is the 
number of quanta required to be simultaneously absorbed. 

No instance is known in which the rate of reaction is proportional 
to a power of the light intensity greater than the first. It is, indeed, 
very improbable that a molecule would remain in a condition where it 
possessed so large an excess of energy as a quantum of visible light long 
enough to acquire a second quantum, since all the time it would be 
subject to collisions which would rapidly deprive it of its first quantum. 
Probably all photochemical transformations are essentially one-quan- 
tum processes. 

We are here chiefly concerned with the relation of photochemical to 
thermal changes. We have seen that thermal heats of activation com- 
monly range from about 10,000 to about 80,000 calories. The quanta 
corresponding to the red lithium line and the violet mercury line amount 
in calories to 7*01 X 10"^® and 1*078 x 10-“^® respectively. Allowing one 
quantum to a molecule, this would represent activation in a photo- 
chemical reaction to the extent of Nhv or 42,480 calories and 65,360 
calories per gram molecule. 

From this we see that the absorption of visible light can lead to 
a high degree of activation. Ozone, for example, is decomposed by 
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ultra-violet light of wave-length 254 fifi, the quantum of which corre- 
sponds to 1 1 1,000 calories per gram molecule, compared with the value 
29,000 for the thermal reaction. 

Turning now to the combination of hydrogen and chlorine, we find 
a picture of considerable complexity. 

The principal facts about it may be summarized as follows: 

I. The reaction is provoked by the light absorbed by the chlorine. 

II. There may be a long ‘induction period’ during which no change 
takes place. This was traced by Burgess and Chapman* to the presence 
of nitrogenous impurities which give rise to nitrogen chloride and 
‘inhibit’ the reaction. The inhibitors are gradually destroyed by the 
light, and the combination starts. In their absence the induction period 
disappears. The inhibition has been more recently studied by Norrish 
and others, and the mode of action of the nitrogen chloride discussed. 

III. The rate of reaction, when the phenomena of the induction 
period are eliminated, is normally proportional to the light intensity. 

Chapman and Gibbsf later found that when the chlorine and hydro- 
gen were very thoroughly freed from oxygen and other impurities the 
rate became proportional to the square root of the intensity. 

IV. The Einstein law is not even approximately obeyed. J One 
quantum of light brings about the union of many thou8a<nds or even 
millions of molecules. 

To explain this important fact Nemst§ suggested the following series 
of changes: (1) = 2C1, 

(2) C1+H2 = HC1+H, 

(3) H+Clj = HCl+Cl. 

(1) is the only purely photochemical change; the reactions (2) and 
(3) proceed without the absorption of fresh quanta of light. The chlorine 
atom produced in (3) takes part in reaction (2) once more and a ‘chain’ 
is set up, which may lead to the union of millions of molecules for the 
one quantum originally absorbed. The chain can be broken by one of 
the reactions (4) gCl = Cl^, 

(5) 2H = 

(6) H+Cl = HCl. 

Bodenstein and others have proposed alternative mechanisms for the 
chain ending; e.g. (7) jj^Oj = HOj, 

• J. Chem. Soc., 1906, 89, 1390. t NeUure, 1931, 127, 854. 

t Cf. Bodenstein, Z, phytikal. Chem., 1913, 85, 329. 

§ Z. EMctroehem., 1918, 24, 335. 
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followed by reactions of HOg with HCl, Hg, or Clg, giving ultimately 
water (and sometimes oxides of chlorine as intermediates). 

V. The actual kinetics of the reaction are rather complicated. 

The rate is inversely proportional to the concentration of oxygen,* 
and appears to increase almost indefinitely as the gases are freed from 
oxygen. It is therefore necessary, in making measurements of the 
reaction velocity, always to work in the presence of a small but definite 
concentration of oxygen. 

VI. The rate of combination increases at first in direct proportion 
to the pressure of hydrogen, when the pressure of chlorine and of oxygen 
is kept constant, then reaches a limit from which it very slowly declines 
as the pressure of hydrogen is further increased. "f 

VII. Bodenstein and DuxJ found that, for constant pressures of 
hydrogen, the rate of reaction was given by the formula 

d[UC]] _ 

ir “ [Og] ’ 

where / is the intensity of the light and k a constant, whilst Chapman 
and Whiston§ found it to be more nearly expressed by the formula 

d[HCl] ^ kI[Cl^] 
dt [O 2 ] 

VIII. M. C. C. Chapmanll submitted the matter to a careful re- 
investigation, and found that the rate of combination was proportional 
to the first power of the concentration of the chlorine when the pro- 
portion of hydrogen present was small, and proportional to the square 
of the concentration of the chlorine when the proportion of hydrogen 
present was large. 

Another important result was that as the pressure of hydrogen 
becomes smaller the rate of reaction becomes less and less dependent 
on the oxygen concentration. 

The results are summarized in the formula 
d[HCl] *i[Hg][Clg]2 
dt *3[H2]^-"[02]+[Clg]’ 

where a; is a fraction less than 0-5. 

IX. Thon,** in a critical survey of the problem, questioned the reality 

* Bodenstein and Dux, Z. phyaikal. Chem., 1913, 85, 297. Chapman and Macmahon, 
J. Chem. Soc,f 1909, 95, 969. 

t Chapman and Underhill, J. Chem, Soc., 1913, 103, 496. 

t Z. phyaikal. Chem.^ 1913, 85, 297. 

§ J. Chem. Soc., 1919, 115, 1264. || Ibid., 1923, 123, 3062. 

♦* ‘Die Chlorknallgasreaktion ’, FortachriUe der Chemie, Phyaik und phyaikaliachen 
Chemie, Band 18, Heft 11 (Berlin 1926). 
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of the slight retardation caused by excess of hydrogen in Chapman’s 
experiments, and suggested the equation 

4HC1] _ klCkflH,] 

dr “ *'[HJ[0J+A:^[Cy • 

The apparently divergent results of different investigators can, on the 
whole, be regarded as special cases of this general equation. It is clear, for 
example, that with different relative proportions of chlorine and hydro- 
gen the rate could be nearly proportional either to [Clg]^ or to [Clg]. 

X. Whatever be the exact mechanism of the chain process set up 
in mixtures of hydrogen and chlorine by illumination, it is evident that 
the wall of the containing vessel might play an important part in 
facilitating the removal from the system of some atom, radical, or 
molecule upon which the propagation of the chain depends. 

Chapman and Grigg* have indeed shown that in light of the same 
intensity the rate of combination of hydrogen and chlorine is less in 
capillary tubes than in tubes of wider diameter. 

XI. Very complete desiccation has been stated to prevent the com- 
bination of hydrogen and chlorine under the influence of light of the 
visible region. Coehn and Jungf stated that there was no combination 
in systems where the pressure of water vapour was estimated to be 
10“^ mm. Hg, but that the reaction took place rapidly when the pres- 
sure was 10"“® mm. Bodenstein and Dux J had found that variation of 
the pressure of water vapour between 10 mm. and 10“® mm. had no 
effect on the combination. 

In ultra-violet hght, on the other hand, Coehn and Jung found that 
the thoroughly dried mixture combined as well as the moist mixture. 

Kistiakowsky has shown that when light is absorbed by intensively 
dried chlorine no appreciable part of it is re-emitted by fluorescence. 
Since, moreover, the total absorption is unaffected, it seems impossible 
that the water can play any part in the dissociation of chlorine mole- 
cules. Its role, if any, in the hydrogen chlorine combination must be 
at some later stage of the chains. 

XII. Norrish has shown that hydrogen chloride retards the reaction. 

The general lines of the theoretical interpretation of these facts are 

clear enough. The divergent results which have been found, and the 
varying views held about the kinetic details, almost certainly arose from 
differences in experimental conditions which altered the balance of the 
various chain-breaking processes. 

* J. Chem, Soc,, 1928, 3233. 

t Z. phyeikal. Chem., 1924, 110 , 705. 


t loc. cit., supra. 
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Taking the simple Nernst chain as a basis, there are possibilities 
(4), (5), ( 6 ), and (7) for the chain ending: and even then the alternatives 
that the chains are ended chiefly by recombination of atoms in the gas 
or by their diffusion to the wall. In the latter event the rate will be 
a function of the diffusion coefficients which depend in a complex way 
upon all the concentrations. 

Every possibility leads to a different equation for the reaction rate. 
It was only after the study of chain processes in combustion reactions 
that these factors became clear, so that the older discussions of the 
hydrogen-chlorine reaction are naturally full of cross-purposes. 

Assuming the Nemst chain and process (7) in the gas phase as the 
ending mechanism, the rate of combination comes out to be inversely 
proportional to [Og], independent of [Hg], and proportional to [ClgJ 
times the absorbed light. The latter, according to the extinction coeffi- 
cient, may be proportional to the chlorine pressure or independent of 
it. This simplest scheme thus reproduces in a rough form many of the 
kinetic results found by one or other of the observers, and if we allow 
for the probable embroideries on it due to other chain-breaking mechan- 
isms, we see that there is no great mystery left about the reaction. 
Numerous modifications* of the detailed mechanism have been sug- 
gested, involving OH, ClOg, CI 3 , and HgO. 

(/) The Thermal Decomposition of Chlorine Monoxide, 

Although contact with organic matter, or local overheating, readily 
initiates explosion waves in chlorine monoxide, the slow decomposition 
can conveniently be observed between about 60° and 140° C.f 

The change is homogeneous, uninfluenced by the glass walls of the 
containing vessel or by glass wool. 

If the change took place in the one simple stage 2 CI 2 O = 2 CI 0 +O 2 
the increase in pressure at any time would be a direct measure of the 
extent to which the reaction had progressed. When the pressure in- 
crease is plotted against time the curve shows that the reaction 
apparently accelerates as it proceeds, as though the chlorine or the 
oxygen which are produced had an autocatalytic effect. Experiments 
in which excess of chlorine or of oxygen is present initially show, how- 
ever, that these gases exert no influence on the course of the reaction. 
The acceleration is not, therefore, due to autocatalysis, but is attri- 
butable to the occurrence of the change in consecutive stages of which 

* See, e.g. Franck and Bodenstein, Trans. Faraday Soc.^ 1931, 27 , 413. 
t Hinshelwood and Prichard, J. Chem. Soc., 1923, 123 , 2730; Hinshelwood and 
Hughes, ibid., 1924, 125 , 1841. 
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the first is not accompanied by so marked a pressure change as the 
subsequent ones. There is chemical as well as kinetic evidence for 
the existence of these consecutive reactions, which possibly involve the 
formation of several different oxides of chlorine. 

The rate of reaction is influenced by pressure in such a way as to 
indicate that each stage in the complex process is bimolecular, for the 
time taken to reach any given stage of the reaction is inversely as 
the initial pressure of chlorine monoxide, and the curves obtained at 
different initial pressures become superposable over their whole course 
if the time scales are altered so as to make them coincide at one point. 

Since there are consecutive reactions at least two values of k must 
be involved, which are difficult to disentangle by mathematical means. 
The difficulty is, however, not insurmountable. This is due to the 
exponential relation between k and E. Since the various stages of 
the reaction are not sharply defined, the separate values of k are 
obviously of the same order of magnitude. Moreover, since each k is 
principally determined by the corresponding value of values of 

k which lie fairly close together should correspond to values of E which 
are practically identical. It might therefore be expected that E would 
show little or no variation at different stages of the reaction, and experi- 
ment confirms this expectation. The influence of temperature is found 
to be uniform, and thus E to be nearly constant, throughout the 
reaction. 

Plotting against the reciprocal of the absolute temperature the 
logarithm of the velocity of reaction for the ranges 20% to 40%, 40% 
to 60%, and 60% to 80%, parallel straight lines are obtained, giving 
for E a uniform value of 21,000 calories. 

From the nature of the relation between k and E, it might now be 
permissible to take an average of k for the whole reaction and to 
investigate the relation between this and the constant value of E, 
Substitution of such an average value of k in the simple equation for 
reaction rates given on page 46 leads to a value of E equal to 22,000 
calories. This agrees well with the value 21,000 found from the tem- 
perature coefficient. In this calculation the molecular diameter of the 
chlorine monoxide molecule is taken 4*8 x 10*-® cm. This procedure is 
based upon the idea that there are no long reaction chains. 

The decomposition of chlorine monoxide was later studied by Beaver 
and Stieger,’*' whose experimental results are almost the same as those 
which have just been described. They observed that an explosion — 
Z. phyaikal, Chem,^ B, 1931, 12, 93. 



BIMOLECULAR REACTIONS 


113 


probably of the intermediate oxide — frequently occurs towards the end 
of the reaction, and for this reason prefer to classify the decomposition 
as a chain reaction. Whether this view is adopted or not is really a 
question of nomenclature. The early work showed the existence of con- 
secutive reactions: in a chain reaction the cycle of consecutive changes 
should repeat itself a large number of times. There is no evidence that 
this happens in the chlorine monoxide decomposition. In the photo- 
chemical decomposition the ‘quantum yield’ is two only. This argues 
against the existence of ‘chains’; but the mechanism may be quite 
different, so that the argument is not conclusive. Nevertheless there 
is no positive evidence for the existence of long chains. 

{g) Other Reactions of the Halogens and their Oxides, 

The relative ease with which halogens dissociate into atoms, and, 
especially with chlorine, the numerous possibilities for the formation 
of oxides which are very reactive, give rise to an almost endless variety 
of reactions. The unravelling of the mechanism of these in detail is 
a matter of great complexity, since at almost every step alternative 
hypotheses are often possible. 

Sometimes, however, relatively simple mechanisms prevail, as, prob- 
ably, in the decompositions of CI2O, FgO, FgOg. 

The methods of investigation include such as the following: the com- 
parison of thermal reactions with photochemical changes where some 
information about the primary process may be available from spectro- 
scopic evidence: isolation of intermediate products, e.g. formation of 
ClgOg suggests existence of CIO3 in a chain: employment of knowledge 
of heats of formation in deciding whether a proposed step in a chain 
of processes is thermochemically possible or not. In the schemes which 
have been proposed for the mechanism of various reactions of chlorine. 
Cl, CIO, ClOg, CIO3 have all been postulated as intermediates. 

As an example we may consider the suggestion of Bodenstein, Padelt, 
and Schumacher* for the mechanism of the thermal reaction between 
chlorine and ozone: 

(1) Cla+03 - CIO+CIO2 

(2) ClO^-f O3 - CIO3+O2 

( 3 ) CIO3+O3 = CIO2+2O2 

( 4 ) C 103 +C 103 == CI2+3O2 

( 5 ) CIO+CIO = CI2+O2 

(6) CIO+O3 == Cl-f 2O2. 


4672 


Z, phyeikcU, CHem,, B, 1929, 5, 209, 
Q 
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A condition establishes itself, in this case after an induction period, 
where the rates of formation and destruction of the intermediate pro- 
ducts balance. 

Thus 

= *2[C10,][03]-^:3[C103][03]-Z^,[C103]=‘ = 0, 

= -i2[C103][03] + i;3[CI03][03] + ii[Cl3][03] = 0. 

Solving these equations, and neglecting i'4[C103]^ in comparison with 
^;3[C103][03], one finds 

“ *.[CIJ[0,]+yC10J0.1+i,[C10J0J. 

where [CIOJ = |y(|tCy[0,]). 

Neglecting the first term, as small compared with the others, the 
rate of reaction comes to 

which corresponds to the experimental result approximately. 

In constructing specific theories an element of doubt is very often 
introduced by the necessity for making ad hoc assumptions about the 
relative values of the various constants, for the purpose of simplifying 
the formulae: unless this is done, however, the equations are usually 
too unwieldy to handle. It may be remarked that the complexity of 
the formulae to which the theory leads is reflected in a corresponding 
complexity of the experimental facts: under one set of circumstances 
the rate of a given reaction may vary as the square root of the con- 
centration of one of the reactants, under other circumstances as the 
three-halves power, and so on. While there may be much uncertainty 
about particular theories, there is no doubt about the general truth 
that the chemistry of the haldgens depends partly upon chain reactions 
of considerable complexity and partly upon more simple direct pro- 
cesses.* 

♦ Compare inter alia : ‘ Decomposition of chlorine dioxide ’ : Schumacher and Stieger, 
Z. physikal. Chem., B, 1930, 7, 363; Bowen and Cheung, J. Chem. Soc.y 1932, 1200; 
‘Reaction between bromine and ozone’, Lewis and Schumacher, Z. physikal. Chem.^ B, 
1930, 6, 423; ‘Decomposition of nitrogen trichloride’, Griffiths and Norrish, Proc. Roy. 
Soc., A, 1931, 135, 69; ‘Decomposition of F 2 O 2 ’, Schumacher and Frisch, Z. physikal. 
Chem.y B, 1937, 37, 1 ; ‘Decomposition of F 2 O*, Schumacher and Koblitz, Z. physikal. 
Chem.y B, 1934, 25, 283. 
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When we should speak of a chain, and when of ordinary ‘consecutive 
reactions’, is doubtless only a matter of terminology. It is, of course, 
wrong to assume that all reactions depending on a series of consecutive 
changes involve long chains starting from one initial activation process. 
It might be an advantage only to speak of chain reactions in cases 
where the series of changes is known to be repeated a number of times 
without fresh initial activation. The quantum yield in the analogous 
photochemical reaction may sometimes be a guide here. 

Further Examples of Atomic Reactions 
{a) Thermal Transformation of Para-Hydrogen* 

This is an interesting example of the atom -molecule type of reaction: 

= A-\~A 

A-fB^ AB J3 , 

The conversion of para-hydrogen into ortho-hydrogen can take place 
as a homogeneous reaction in the region of 600^^ C. A. Farkas has found 
the order of reaction to be 1*5. This suggests that the mechanism 
involves a collision between a molecule of para-hydrogen and an atom 
of hydrogen formed by the thermal dissociation of another molecule. 
The concentration of atoms will, by the law of mass action, be pro- 
portional to the square root of the concentration of molecular hydrogen, 
as long as the dissociation is small. The product of the concentrations 
of molecular and atomic hydrogen is thus proportional to the three- 
halves power of the total concentration. 

(6) The Interaction of Alkali Metal Vapours with Halogens and Halogen 
Compounds. 

When the vapour of alkali metals is mixed at low pressures, of the 
order mm,, with certain halogen compounds, a cold, highly diluted 
flame is produced. A deposit of alkali halide is formed on the wall of 
the tube in which the reaction takes place, and from the distribution 
of this deposit and the velocity of the gas stream the partial pressures of 
the reacting substances and the reaction velocity can be inferred. A 
number of investigations with various modifications of this method 
have been carried out by Polanyi and others,! and a careful analysis 
and interpretation of the results has yielded much interesting and 
valuable information about the speed of the chemical reactions involved. 

♦ Farkas, Light and Heavy Hydrogen, Cambridge, 1935 (Chapter IV). 
t Beutler and Polanyi, Z. phyaikaL Chem,, B, 1928, 1 , 3; Bogdandy and Polanyi, 
ibid., B, 1928, 1 , 21 ; Polanyi and Schay, ibid., B, 1928, 1 , 30; Ootuka and Schay, ibid., 
B, 1928, 1 , 62, 68. 
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Two types of reaction may occur. The first type is exemplified by 
the action of sodium or potassium vapour with chlorine, bromine, 
iodine, cyanogen chloride, and cyanogen bromide. Taking sodium and 
chlorine as an example, it is found that the primary reaction is 
Na4-Cl2 “ NaCl+Cl. In this primary reaction it appears that every 
collision is effective in leading to chemical change. Indeed, it appeared 
probable that in all the primary reactions of this type each collision is 
effective, and Polanyi suggested that wherever an atom can undergo an 
exothermic reaction with a molecule the collisions wUl all be effective. 
This amounts to saying that in such reactions no activation is required. 

Most of the chlorine atoms, formed in the primary process appear to 
unite with sodium atoms at the wall of the vessel. This process is not 
accompanied by the emission of any light. Some chlorine atoms, how- 
ever, react in the gas with sodium, but according to the equation 

Na^+Cl-NaCl+Na; 

the NaCl molecules thus formed are activated, and on collision with 
Na atoms stimulate them to light emission. 

An increase in the temperature of the reaction zone weakens the 
light emission, as a result of the dissociation of the sodium molecules, 
and this weakening can be used to determine the heat of dissociation 
of the sodium molecule (the value obtained is in approximate agreement 
with an independently determined value). Increase in the pressure of 
the sodium vapour increases the light emission. Both of these facts 
support the view that chlorine atoms react in the gas phase with 
molecular rather than atomic sodium. 

While every collision between Na and Clg appears to be effective in the 
gas, not more than one colhsion in 10,000 between Na and Cl in the gets 
phase appears to lead to the formation of a sodium chloride molecule. 

In the second type of reaction sodium or potassium vapour reacts 
with the vapour of such compounds as mercuric chloride or bromide. 

In these reactions heating the reaction zone does not diminish the 
light emission, and this increases much less rapidly with the pressure 
of the alkali metal than in the first type of reaction. Thus the molecules 
of the alkali metal apparently do not play the same important part. 
The primary reaction with sodium and mercuric chloride is 

Na+HgClg = NaCl+HgCl, 
followed by HgCl+Na = Hg+NaCl 

in the gas. 

One of the most interesting results of these studies is the establish- 
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merit of the fact that certain reactions between atoms and molecules 
take place, without activation, at every collision. This result is not, 
however, an absolutely general one.* In the reactions between sodium 
vapour and the methyl halides the activation energy is nil for the iodide 
and rises regularly through the bromide and chloride to the fluoride. 
There is also, it is interesting to note, an appreciable ^inertia’ associated 
with the reaction between sodium vapour and cyanogen, but since this 
is independent of temperature it must depend upon some kind of 
‘orientation’ factor rather than upon the necessity for activation. 

Decomposition Reactions of Molecules of Varying Degrees 
of Complexity 

We shall now pass on to the consideration of some examples of 
decomposition reactions. The mechanism of these is not always fully 
established, but it seems clear that either the Lindemann mechanism 
applies, or that they are chain reactions: and, indeed, some of them 
are probably partly chain processes and partly dependent upon the 
direct molecular transformation. 

For the latter, we have activation by collision, time-lag, internal 
redistribution of energy, and then chemical transformation. The more 
rapidly the internal redistribution occurs the greater is the transforma- 
tion probability, and, in accordance with the theory given in an earlier 
chapter, the higher the pressure up to which the reaction will remain 
predominantly of the first order. The simpler the molecule the easier 
the redistribution, so that, other things being equal, the reaction order 
at a given pressure, such as atmospheric pressure, should be more nearly 
the second for molecules of simple structure and more nearly the first 
for molecules of complex structure. The following are some typical 
examples : 

Reaction more nearly of the second order at atmospheric pressure: 
decomposition of 

HI, O3, CI2O, NgO, NOgCbt N02,t CH3CHO. 

Reaction more nearly of the first order at atmospheric pressure: 
decomposition or isomeric change of 

N2O5, CH3COCH3, C2H5CHO, C2H3OC2H5, CHgN-NCHg, 

Ge{C2H5),.§ 

* von Hariol and Polanyi, Z. physikal. Chem., B, 1930, 11 * 97; von Hartel, Meer, 
and Polanyi, ibid., 1932, 19 , 139. 

t Schiunacher and Sprenger, Z, physikal. Chem., B, 1931, 12, 116. 

I Bodenstein and Ramstetter, Z. physikal. Chem., 1922, 100, 68. 

§ Geddes and Mack, J. Amer. Chem. Soc., 1930, 52, 4372. 
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Despite all the complexities of the situation, there does seem to be 
a general conformity here with the kind of behaviour which would be 
expected from theoretical reasoning. 

If we have a chain reaction, we must distinguish tjTpe ( 1 ) and type ( 2 ) 
of the preceding chapter: and if we have molecules of an intermediate 
degree of complexity, such as acetaldehyde, we must consider the pos- 
sibility of the kinetically composite type of mechanism discussed on 
page 95. 

Evidently, therefore, there is room for a considerable variety of 
behaviour. 

We shall start with the discussion of a few of the decompositions of 
more complex molecules. These have played an interesting part in the 
history of the subject since they first revealed the phenomenon of the 
transition from first to second order with change of pressure (propionic 
aldehyde, 1926). 

(a) The Decomposition of Nitrogen Pentoxide. 

In 1925 the only known gaseous first-order reaction was the decom- 
position of nitrogen pentoxide. The result of the decomposition is 
expressed by the equation 

2N2O5 = 2N2O4-I-O2. 

Since the reaction is unimolecular, the primary change cannot be 
expressed by this equation but must take place by a mechanism such 
as the following : _ N, 03 + 0 ,. 

The nitrogen trioxide then decomposes almost instantaneously into 
nitric oxide and nitrogen peroxide 

N2O3 - NO+NO2. 

Nitrogen peroxide has no influence on the thermal decomposition of 
nitrogen pentoxide, but an almost instantaneous reaction occurs be- 
tween nitric oxide and the pentoxide* 

NO+N2O5 - 3NO2. 

Thus each primary act of chemical change results in the decomposi- 
tion of two molecules of the pentoxide, a fact which has to be taken 
into account in dealing with the molecular statistics of the reaction. 

According to Schumacher and Sprenger,t an oxide NO 3 is produced 
when nitrogen pentoxide reacts with ozone, but this does not appear 
to play any part in the thermal decomposition, 

* Busse and Daniels, J. Atner. Chem. Soc., 1927, 49, 1267. 
t Z. physikal. Chem., A, 1928, 136, 77; ibid.. A, 1928, 140, 281. 



BIMOLECULAR REACTIONS 


119 


Daniels and Johnston* investigated the kinetics of the reaction, 
using an all-glass manometer of special construction. 

They foimd the change to be completely homogeneous, applying the 
test of the addition of glass wool to the reaction vessel. It proceeds 
with conveniently jneasurable velocity at ordinary temperature. In 
calculating velocity constants corrections have to be applied for the 
changing dissociation of the N 2 O 4 as its concentration alters. 

The fraction of the total nitrogen pentoxide which is transformed in 
unit time is constant and independent of the initial concentration for 
ordinary variations of pressure. Satisfactory first-order constants are 
obtained. 

The following table gives the velocity constants at different tem- 
peratures, and the value of the heat of activation: 


Temperature 

k 

Heat of activation 

°C. 

(Time in minutes) 


65 

0-292 ) 


55 

0-0900/1 

25,830 

45 

0-0299 h 

22,750 

35 

0-00808 h 

25,370 

25 

0-00203 h 

25,100 

0 

0-0000472 j 

24,240 

Mean, 24,700 calories. 


The velocity constants, with the time expressed in seconds, are given 


by the formulaf 


In A: = 


31-45-> 


24,700 
RT ’ 


At an early stage nitrogen pentoxide was the subject of tests of the 
Trautz-Lewis-Perrin radiation theory of chemical reactions. 

Taking the value for the heat of activation, and calculating the fre- 
quency which corresponds to a quantum of radiation of this size, it was 
predicted that light of wave-length 1-16 /a should be effective in decom- 
posing nitrogen pentoxide. The amount of light of this wave-length 
present in the ordinary thermal radiation in an enclosure at 0 ® to 65® C. 
is very small, so that, if the theory was applicable, illumination of the 
system from outside with light of this kind should have had aU the 
effects on the reaction velocity of a great increase of temperature. The 
short waves appear in thermal radiation with greater and greater 
relative intensity as temperature increases, and if chemical change is 
provoked by more or less monochromatic radiation, increase in the 
intensity of this one particular frequency is chemically equivalent to 
raising the temperature of the whole system to the point where the 
jTAtmr. t Kaasel, ibid., 1928, 50, 1344. 
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natural thermal intensity of this would be equal to the artificially 
produced intensity. 

Exposure of a cell containing nitrogen pentoxide to strong sunlight, 
filtered through iodine solution, which is transparent to waves of length 
1-16/x but opaque to visible light, produced no detectable acceleration 
of the reaction. 

It was found, on the other hand, that nitrogen pentoxide is decom- 
posed under the influence of blue light, but only when some nitrogen 
dioxide is present,* an example of the phenomenon of photocatalysis. 

Further tests of the influence of infra-red radiation on the reaction 
velocity were made by Rice, Urey, and Washburne,| who exposed a 
‘molecular beam’ of nitrogen pentoxide to black-body radiation of high 
temperature with a negative result, and by Kassel, J who also found 
that radiation of wave-length less than 5 jjl does not increase the reaction 
rate even at low pressures, where its effect relative to that of collisions 
might have been expected to be greater than at atmospheric pressure. 

In the earlier experiments on the decomposition the nitrogen pent- 
oxide had never been free from some nitrogen dioxide, since in the 
sealing off of the apparatus a certain amount of decomposition had 
been inevitable. Daniels, Wulf, and Karrer§ attempted to repeat some 
of the previous work in the presence of ozone, which ensures the com- 
plete absence of lower oxides since it oxidizes them instantaneously to 
the pentoxide. In the decomposition of the pentoxide, therefore, there 
should be a period of induction during which the decomposition pro- 
ducts are re-oxidized by the ozone. When all the ozone is used up 
brown fumes should appear and the decomposition of the pentoxide 
should go forward in the normal way. It appeared, however, that when 
the lower oxides were removed in this way the decomposition did not 
take place at all. This led to the conclusion that the reaction was not, 
after all, a simple unimolecular decomposition but a change depending 
on collisions between molecules of nitrogen pentoxide and molecules of 
nitrogen dioxide. 

The matter was then reinvestigated by Hirst, 1| who repeated the 
experiments of Daniels, Wulf, and Karrer on the decomposition in 
presence of ozone and failed to confirm their result. On the other hand, 
the original work of Daniels and Johnston was confirmed. 

* Daniels and Johnston, J. Amer, Chem, Soc., 1921, 43, 72. 
t J. Amer. Chem. Soe., 1928, 50, 2402. 
t Ibid., 1929, 51, 54, 

§ Ibid., 1922, 44, 2402. 

II Jy Chem. Soe., 1925, 137, 657. 
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Later White and Tolman* again showed that when nitrogen pent- 
oxide is allowed to decompose in presence of ozone, as soon as the 
ozone is used up the pure nitrogen pentoxide left decomposes at the 
normal rate found by Daniels and Johnston in their first experiments. 

Thus it seems most probable that the isolated result of Daniels, 
Wulf, and Karrer was due to error rather than a real anomaly in the 
reaction. 

, With regard to the influence of impurities and accidental catalysts 
in general on the rate of reaction, it may be said to be of little account, 
and there can be no doubt that what is measured is the rate of the 
uncatalysed decomposition. The reaction has now been investigated 
under a great variety of circumstances by observers in different parts 
of the world, and with material of varying origin. The results are all 
in agreement. Hirstf found a velocity constant of 7-11 x 10“^ at 35-4° 
compared with the value 7*71x10“^ calculated for this temperature 
from the data of Daniels and Johnston. Some results of White and 
TolrnanJ can be compared with those of Daniels and Johnston over 
a range of temperatures: 


Temperature 

20° C. 

25° 

36° 

40° 

kxlO^ (W. and T.) 

103 

219 

837 

1480 

fcxlO* (D. and J.) 

117 

203 

808 

1510 


Rice and Getz§ made a very complete study of the matter from this 
point of view. At 65° C. they found k = 0-286,, compared with the 
value 0-292 of Daniels and Johnston. In order to test the possibility 
that the reaction might depend on catalysis by dust, they compared 
the velocity constants for filtered and unfiltered nitrogen pentoxide and 
for gas which had been passed through an electrical dust precipitator. 
In some experiments the gas was dried with phosphorus pentoxide, in 
others not. In some it was prepared by the dehydration of nitric acid 
with phosphorus pentoxide and in others by the action of chlorine on 
silver nitrate. Nitric acid was found to have no catalytic effect on the 
decomposition. Some of the principal results are summarized below, 


all data referring to 65° C. 

k 

* Ordinary * experiments ..... 0*286 

Gas filtered through blue asbestos . . 0*284 

Gas passed through electrical precipitator . 0*278 

in reaction vessel ..... 0*278 

NjO, made from AgNO, and chlorine . 0*291 


♦ J. Amer, Chem. 8oc„ 1926, 47 , 1240. t J- Ohem. Soc,, 1925, 127 , 657. 

J Loc. cit. § J. Physical Chem., 1927, 31, 1572. 

4673 
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It is of considerable interest that Lueck* found the rate of decom- 
position in solution in carbon tetrachloride and in chloroform to be 
practically the same as in the gaseous state. 

Busse and Danielsf have, moreover, found that hydrogen, carbon 
monoxide, bromine, and chlorine are without influence on the reaction. 
Certain organic vapours, which are themselves attacked by nitrogen 
pentoxide, bring about rapid decomposition. Hirst found that argon 
exerted no influence, while Hunt and Daniels showed that the i)resence 
of a large excess of nitrogen did not alter the rate of reaction at all. 

I’he rate of decomposition at low pressures is of special theoretical 
interest. Hunt and Daniels J showed that the first-order character of 
the reaction was preserved down to quite low partial pressures of nitro- 
gen pentoxide. Hirst and Rideal§ found, on the other hand, that the 
velocity constant, so far from decreasing at low pressures, actually 
increased, but Hibben|| again found a normal velocity constant between 
0-2 and 0-002 mm. These discordant results seemed to suggest that at 
the low pressures interference by surface reactions must be more or less 
serious. Sprenger** then reported that when nitrogen pentoxide is 
admitted to a vessel at low pressure the reaction begins at the normal 
rate and then sto])s com])leteIy, even though andecomposed nitrogen 
pentoxide is demonstrably present. He regarded this as evidence for 
some kind of chain mechanism, but later experiments seemed to show 
that the whole phenomenon was not a real one. The most recent work, 
and a careful analysis of possible experimental errors by Hibben, seem 
to establish now that there really is a definite falling off in the velocity 
constant in the neighbourhood of about 0-06 mm.tf Even so there 
remains an uncertainty to which Daniels has called attention. At higher 
pressures the second stage NO+NgOg = SNOg can be regarded as in- 
stantaneous. At low pressures this need no longer be true. Slowness 
of the second stage could lead to an apparent fall in as ordinarily 
measured. As has been pointed out already, there are difficulties about 
accounting for the absolute activation rate according to the collision 
theory. This would suggest the existence of a chain reaction. But of 
such a mechanism there appears to be no definite positive evidence. 

♦ J. Amer. Chetn. Soc., 1922, 44, 757. t Ibid., 1927, 49, 1257. 

X Ibid., 1925, 47, 1602. 

§ Proc. Boy. Soc., A, 1925, 109, 526. 

11 Proc, Nat. Acad. Sci.y 1927, 13, 626. 

♦♦ Z.physikal. Chem., 1928, 136, 49. 

ft H. C. Ramsperger and R, C. Tolman, Proc. Nat. Acad. Sci., 1930, 16, 6; H. J. 
Schumacher and G. Sprenger, ibid., p. 129; J. H. Hibben, J. Physical Chem.^ 1930, 34, 
1387; J. H. Hodges and E. F. Linhorst, Proc. Nat. Acad. Sci., 1931, 17, 28. 
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(b) The Decomposition of Azomethane and Homologues, 

Ramsperger* found that between 278*6° and 327*4° C. azomethane 
decomposes principally in accordance with the equation 

CH3N:NCH3 = N2+C,He. 

The reaction is homogeneous and of the first order, with a heat of 
activation of 51,200 calories. 

The velocity constants fall with the pressure when this is reduced 
below a certain limit. Thus at 290° C. k at 0*259 mm. is one-fourth of 
the high-pressure value at 707*9 mm. At higher temperatures the falling 
off is more marked. Thus over the same range of pressure at 330° C. the 
constant falls to one-tenth. As the reaction proceeds the constant does 
not drop, as would be expected from the changing partial pressure of 
azomethane, indicating that the reaction products exert an influence 
in preventing the falling off. The value of the constant in the region 
of higher pressures is given by 


Ink ^ 36*73 


51,200 


Azoisopropane^ has also been studied. The principal chemical change 
involved in this decomposition may be expressed by the equation 

C3H,N:NC3H,=:N3+CeH,,. 

The change C 3 H 7 N : NC 3 H 7 = N 2 +C 3 H 3 +C 3 H 8 

is also thought to occur to the extent of about 15 per cent. 

The reaction is homogeneous and of the first order between the initial 
pressures of 46 mm. and 0*25 mm., in the temperature range 250° to 
290° C. The velocity constant does not change over this range of pres- 
sures. The falling off in the value of the velocity constant, if it occurs 
as would be expected from analogy with the decomposition of azo- 
methane, must begin, therefore, at a pressure lower than 0*25 mm. The 
heat of activation is 40,900 calories, and the velocity constants are 
given by the expression 

k = 5*6 X 10^3 


or 


Init- 


31*65- 


40,900 
RT " 


The course of the curve showing k against pressure for these reactions 
accords with the theory that the transformation probability increases 

♦ J. Amer, Ghent, Soc,, 1927, 49 , 912, 1496. 
t Ramsperger, J. Amer, Ghent, Soc.^ 1928, 50, 714. 
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steadily with the excess energy in the molecule. But the question arises 
how far the results are influenced by the presence of chains. 

By the application of the mirror removal method, and by the study 
of the catalytic action which azomethane can exert on other substances, 
such as acetaldehyde, it has been made probable that free radicals are 
formed when azomethane decomposes. These must enter into secondary 
reactions. But from the insensitiveness of azomethane itself to photo- 
chemically generated free radicals, and from the absence of the surface 
effects so prominent in reactions with long chains (see Chapter VIII), 
it can be inferred that the decomposition is probably not a true chain 
reaction. The composition of the reaction products, however, changes 
somewhat as the reaction proceeds, so that it may be unsafe to make 
deductions of too detailed a nature from the {ky p) curves. The broad 
lines of the existing interpretation are nevertheless probably correct. 


(c) The Thermal Decomposition of Acetone. 

The decomposition of gaseous acetone at about 500° is a homogeneous 
reaction. The course is represented by the equations: 

(a) CH3COCH3 = CH2 : CO+CH4, 

(d) CH2 : CO = further products. 


The ketene decomposes rapidly, giving carbon monoxide, ethylene, 
and other products. If the final stages are regarded as very fast in 
comparison with the initial process, then measurements of the rate of 
pressure increase can be used to follow the progress of the reaction. 
On this basis the reaction was shown to be of the first order over a 
considerable pressure range,* the velocity constant being expressed by 
the formula 


lnk= 34-95- 


68,500 


This is an approximation only, since the rate of decomposition of the 
intermediate ketene is not immeasurably fast. The ketene has been 
shown to accumulate in the system, its concentration reaching a maxi- 
mum and then falling again, in the manner required by the theory of 
consecutive reactions. To obtain more accurate results for the rate 
of the primary decomposition, Winkler and Hinshelwoodf followed the 
decomposition by direct analysis of the residual acetone at each stage, 

* Himhelwood and Hutchison, Proo. Roy. Soc.y A, 1926, ill, 246. 
t Ibid., A, 1936, 149, 340. 



BIMOLECULAR REACTIONS 


125 


the iodoform method being employed. For the first-order constants, 


they found 


In* = 34*34- 


68,000 

RT ’ 


Thus the original approximate treatment led to results which were 
not far in error, as indeed would be expected, since the ketene decom- 
poses several times as fast as the acetone. 



0 SO 100 ISO 200 

Initial pressure (mm) 


Fig. 10. Influence of initial pressure on time of half-change of acetone at 602° C. 


The reaction order is shown by the following figures: 


Initial pressure 

Time of half-c 

mm. 

seconds 

311 

89 

232 

90 

212 

96 

165 

95 

113 

95 

99 

99 


At low pressures the first-order constant falls off. In Fig. 10 are 
shown the values of 1 /^^, which are proportional to *, plotted against 
the initial pressure. The form of the curve docs not correspond to any 
of the simple theories of the dependence of * upon pressure, but gives 
a clear indication of being composite, possibly for reasons similar to 
those discussed on page 96. 

The question of reaction chains arises: Rice and Herzfeld suggested 
a mechanism, in which the primary decomposition yields CH 3 and 
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CH3CO, after which. there is a chain very similar to that proposed for 
ether. Now small quantities of nitric oxide reduce the rate of reaction 
of dimethyl ether 15 times and of diethyl ether 3 to 4 times. These 
reactions take place in the same temperature range as the acetone 
decomposition and also involve methyl or similar radicals as the prin- 
cipal agents. If, therefore, the acetone reaction is a chain reaction it 
should presumably be subject to inhibition by nitric oxide, unless there 
is a positive catalytic effect of the nitric oxide so great as to mask any 
inhibition. Actually there is neither appreciable inhibition nor, for 
moderate additions, appreciable catalysis. 


Prossuro of nitric oxide 

mrn. 

Relative reaction rate 

0 

1-00 

005 

1*02 

010 

1-12 

0-29 

0-95 

5-6 

116 

15 

0-94 


These numbers should be contrasted with the results for the ethers 
given in the following section. They seem to be a clear indication that 
chains make no appreciable contribution to the reaction at tempera- 
tures where rate measurements are usually made. A similar conclusion 
is reached from the negative results of attempts to speed up the reaction 
by the introduction of free radicals from without; though, incidentally, 
it may be observed that a positive result of such experiments would 
not prove that an appreciable proportion of the decomposing molecules 
yielded radicals under the normal conditions of the rate measurements. 
(The observation of Allen,* that at considerably lower temperatures 
the rate of pressure change develops an induction period, therefore 
seems much more likely to be due to spurious secondary causes, such 
as the intrusion of condensation reactions, which always accompany 
these organic decomposition reactions, and which may introduce serious 
errors unless they are very carefully controlled. At the higher tem- 
peratures, where most of the velocity measurements have been made, 
there is no sign of this induction period: nor would it be easy to explain 
one in terms of the time taken for the radicals to attain their stationary 
concentration: this should be attained very rapidly indeed.) 

On the whole, therefore, the acetone decomposition is probably to 
be regarded as an example of a unimolecular reaction, in which chain 
processes play very little part, where the pressure dependence in general 

♦ J. Afner, Chem. Soc,, 1936, 58, 1052. 
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follows the predictions of the collisional activation theory, and where 
a large number of internal degrees of freedom must contribute to the 
activation process. The detailed analysis of the low-pressure part of 
the (k, p) curve is doubtful, but there are^ distinct signs of composite 
nature in the kinetic mechanism. 

(d) The Thermal Decomposition of the Ethers, 

In these reactions tliere seems to be a contribution from a chain 
process and from a non chain reaction occurring simultaneously. It is 
probable that the non-chain parts are tyjucal examples of unimolecular 
reactions with collisional activation, while the chain parts are examples 
of type (2) as discussed on page 90. 

Diethyl ether* will be considered first, as a tjrpical example. 

The first stage of the decomposition gives acetaldehyde and ethane, 
some of the latter breaking down into ethylene and hydrogen. The 
acetaldehyde then decomposes, more rapidly than the ether, into 
methane and hydrogen. 

CH3CHO+C2H,, 

CH3CHO - CH^-f CO. 

These equations predict a pressure increase of 200%. That observed 
is 188% only, a certain amount of condensed products being formed. 
A side reaction gives some formaldehyde in the first stage. 

The earlier measurements were based upon the assumption that the 
aldehydes decomposed so much faster than the ether that the rate of 
pressure increase gave the rate of the first stage. This is a rather rough 
approximation. Later results have been corrected for the accumulation 
of aldehyde, which increases up to a maximum and then disappears 
again; the essential conclusions have, however, not been changed by 
these corrections. 

Addition of a little nitric oxide reduces the rate to a well-defined 
limit as shown in Fig. 11. This may be taken to indicate the presence 
of radical chains. 

Fig. 12 shows that the dependence of the reaction rate upon the 
ether pressure is nearly the same for the inhibited reaction as for the 
uninhibited reaction. If we accept the hypothesis that the nitric oxide 
suppresses all the chains, this result means that the average chain- 

♦ Hinshelwood, Proc, Roy. Soc.^ A, 1927, 114, 84; Staveley and Hinshelwood, ibid., 
A, 1936, 154, 335; Davoud and Hinshelwood, ibid., A, 1939, 171, 39; Hinshelwood 
and Staveley, J. Chem. jSoc., 1936, 818; Fletcher and Rollefson, J. Amer. Chem. Soc., 
1936, 58, 2129. 
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Fig. 11. 



0 50 100 150 200 250 * SOO 350 400 -450 500 

Initial ether pressure, (mm) 


Fig. 12. Variation of inhibited reaction with initial ether pressure; 

comparison with normal reaction. 

length is practically independent of pressure. Therefore earlier con- 
clusions about the kinetics, which ignored the existence of the chains, 
would to a considerable extent hold good for the non-chain part of the 
reaction also. 
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The residual reaction in presence of nitric oxide shows the usual 
pressure dependence: lengthens out considerably as the pressure 

drops below about 150 mm. At higher pressures it tends to a nearly 
steady value. In other words, the reaction is very nearly of the first 
order. The addition of hydrogen at lower partial pressures of ether 
restores the rate to what it would be at higher partial pressures as 
shown in Fig. 13. It appears that the function of the hydrogen is to 




Pressure oP hydrogen, mm 


Fig. 13. (Left) Decomposition of ethyl ether at 580°. Influence of hydrogen for 
different partial pressures of ether. Reaction inhibited by 5 mm. of nitric oxide. Open 
circles — no hydrogen present: shaded circles — c. 400 mm. of hydrogen present. This 
figure should be compared with that for the uninhibited reaction (Fig. 1 of Proc, Roy, 
/Soc., A, 1927, 114, 84). 

(Right) Influence of various pressures of hydrogen on NO-inhibited reaction of ethyl 
ether at 680°. Initial ether pressure c. 35 mm. Horizontal line shows value for 387 mm. 
of ether without hydrogen. 


maintain the MaxweU-Boltzmann distribution at pressures where this 
would normally begin to fail. 

The first-order velocity constant of the total reaction (chain plus non- 
chain) shows a continued very slow increase up to pressures of several 
hundred atmospheres.* This may or may not be true of the reaction 
inhibited by nitric oxide. But in any case it is evidence for a certain 
kinetic complexity in the reaction possibly due to the causes referred 
to on page 95. This fact does not invalidate general conclusions based 
upon the study of the reaction at normal pressures, for fi:om Fig. 13 it 
is clear that some process predomirvant in the low-pressure range reaches 
a limiting rate at several hundred millimetres. At several himdred 
atmospheres other mechanisms may very well predominate. 

With the other ethers the results are generally similar. f The pro- 
portion of chain reaction, as measured by the nitric oxide method, falls 
steadily as the number of carbon atoms increases (Fig. 14). 

* Stoftoie and Solomon, J. C^em. Physics, 1934, 2, 603. 
t Staveley and Hinshelwood, Proc, Roy, Soc,, A, 1937, 159, 192. 

S 
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The first-order character of the reaction is maintained to lower pres- 
sures the more complex the ether, as would be indicated by the theory 
developed in the preceding chapter. 

The activation energies of the non-chain parts of the reaction are 
given in the table below, together with n, the number of square terms 



0 2 4 6 8 

Number oP carbon atoms 

Fio. 14. Variation of moan chain-length with structure of ether. 

contributing to the activation energy (calculated according to the 
simple approximate method given on page 81). 

Mean chain- E for E for 

length at inhibited \minhibited 

Ether 540*^ C. reaction reaction n 

Dimethyl 17 0 62,000 58,500 10 

Methyl ethyl 8-4 62,000 54,500 10 

Diethyl 4-4 67,000 53,000 18 

Ethyl propyl 3 2 

Dipropyl 2-7 60,500 . . 17 

Di-isopropyl 1-4 65,500 63,000 > 24 

Since the total reactions show the same pressure dependence as the 
non -chain part, both being nearly of the first order over a considerable 
range of pressure, the chain part must be of type (2), considered on 
page 90, for the case of diethyl ether. 

One essential condition for this type of behaviour is that a heavy 
radical, which for diethyl ether will be CHg . OCgHg or CHgCH . 0 , 
should only propagate the chain after suffering a thermal decomposi- 

♦ As to which, see Rice and Teller, J, Chem. Physics, 1938, 6, 489. 
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tion of its own. Methyl or ethyl radicals will react very rapidly with 
ether, generating the heavier type of radicals: the latter do not decom- 
pose at once. Therefore, in the steady state, there will be far more 
heavy radicals present than methyl or ethyl radicals. Consequently it 
will be predominantly the heavy radicals which the nitric oxide will 
attack. Let us now contrast this state of affairs with the decomposition 
of ethane, where the chains are propagated in a manner involving no 
intermediate unstable radicals. Here the nitric oxide competes for the 
radicals with the ethane itself, and, for a given degree of inhibition, 
more nitric oxide is needed the higher the ethane pressure, as shown 
in Fig. 15 . On the other hand, as shown in Fig. 16 , the inhibition of 
tlie ether reaction by the nitric oxide is seen to be independent of 
the ether pressure. This means that the inhibiting process must be 
competing with one which does not itself depend upon the pressure, 
and this must be the unimolecular decomposition of the radical with 
which the nitric oxide combines, i.e. probably the radical CHgOCgHg 
or CH3CH.O.C2H5. Quantitative treatments of these processes have 
been given* which, on the whole, make all the above interpretations 
rather probable ones. 

Some Reactions of Intermediate Type 

We now pass to the consideration of some reactions, of which the 
following statements appear to be, generally speaking, true, 

(a) The activation rates for the part of the reaction which pre- 
dominates at atmospheric pressure is nearly equal to the collision 
number X 

(b) The kinetic mechanism appears to be composite. 

(c) The mean value of the activation energy shows a certain variation 
with pressure, as though processes with different values of E, and 
correspondingly different transformation probabilities, contributed in 
varying proportions in different pressure ranges. 

(a) The Thermal Decomposition of Nitrous Oxide, 

The reaction is 2N2O == 2N2+O2 

with simultaneous formation of a very small percentage of nitric oxide 
(which has a catalytic action). 

Hinshelwood and Burkt measured the rate of reaction in a silica bulb 
by observing the pressure increase accompa.iying the change; over the 

* Staveley, Proc. Roy, Soc., A, 1937, 159 , 192; Hobba, ibid., A, 1938, 167 , 456; 
Hobbs and Hinshelwood, ibid., A, 1938, 167 , 439. 

t Proc, Roy, Soc., A, 1924, 106, 284. 
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range of temperature 565° to 852° C. the reaction was homogeneous, 
since, even with the silica reaction vessel filled to the extent of two- 
thirds with coarse silica powder, no measurable increase in reaction 



Fig. 15. Inhibition of thermal decomposition of ethane. (Continuous 
lines are those given by theoretical formula.) 


velocity was observable. Variation of the initial pressure of the nitrous 
oxide up to about one atmosphere showed the reaction to be more 
nearly of the second than of any other order, proving that the pctiva- 
tion process was collisional, and not one depending upon the absorption 
of radiation by isolated molecules — a possibility then considered. For 
a first-order reaction the plot of the reciprocal of the half-reaction time 
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against pressure is a line parallel to the pressure axis, while for a second- 
order reaction it is a line inclined to the axis and passing through the 
origin. In a series of investigations* it has come to light that the form 



0 0-5 VO 


Nitric oxide, mm. 

Fio. 16. Showing that the course of the ‘ inhibition curve ’ is indepen- 
dent of the pressure of diethyl ether. □ 61 mm. of ether ; O 103 mm. 
of ether ; • 200 mm. of ether ; A 400 mm. of ether. 


of this curve for nitrous oxide is really rather complex and may be 
divided into the following parts: (a) an initial steep increase, starting 
from the origin, which between 50 and 100 mm. becomes shallower and 

* Hunter, Proc, Roy. Soc., A, 1934, 144 , 336; Lewis and Hinshelwood, Proc. Roy. 
8oc., A, 1938, 168 , 441 ; Musgrave and Hinshelwood, Proc. Roy. Soc., A, 1932, 135 , 23; 
Volmer and Bogdtoi, Z. phyo. Chem., B, 1933, 21 , 267 ; Volmer and Froelich, Z. phys. 
Chem., B, 1982, 19 , 86; Volmer and Kummerow, Z. phys. Chem., B, 1930, 9 , 141; 
Volmer and Nagasako, Z. phys. €hem.^ B, 1930, 10 , 414. 
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passes into (6) an abnost linear curve continuing up to several atmo- 
spheres, when it gradually bends again passing into (c) an almost 
straight line of still smaller slope, which continues up to 20-30 atmo- 
spheres, when it bends round and becomes nearly parallel to the pressure 
axis, as for a reaction of the first order. 



0 200 400 SCO 

Initial pressure (mm.l 


Fig. 17. Influence of pressure on reaction rate at 747 ’ C., showing 
similarity of cnirves derived from half-times and initial rates re- 
spectively. Circles ~ I jp .dpfdt; black dots -- 1 x constant. 

The low-pressure and high-pressure ranges are shown separately in 
Figs. 17 and 18. 

There is little probability that the whole range can be represented 
by any expression with a single set of constants, for example, one 
making the rate proportional to [NgO]^. 

Various interpretations have been suggested: (1) The curve results 
from the superposition of three unimolecular reactions, each of the 
second order at low pressures and of the first order at higher pressures 
(typical of reactions ih which activation is by collision and is followed 
by transformation of isolated molecules). The three components repre- 
sent different activation modes with different transformation proba- 
bilities of the activated molecules. (2) The curve is not really composite 
in form, but represents a single unimolecular reaction, the transforma- 
tion probability of the molecules being a continuous function of the 
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excess energy they contain. This view was supported by Volmer who, 
however, was not aware of the existence of region (c) of the curve, and 
believed that the portion (b) became parallel to the axis above about 
10 atmospheres. He did not admit the distinctness of portion (a) but 
plotted the reciprocal of the velocity constant against the reciprocal of 
the pressure so that points corresponding to low pressures were spread 



Initial pressure Kg-Zem^ 1 Kg Zcm^ = 0-9b7 atmospheres 

Fig. 18. 

out into an indefinite sweep which masked the normal composite ap- 
pearance of the curve, (3) The third interpretation is that the changes 
of slope shown by the curve are not so much due to changes from one 
integral reaction order to another as to the existence of fractional 
orders, such as the order 3/2 which arises in certain circumstances when 
the mechanism depends upon the intervention of atoms or radicals. 
Limited stretches of the nitrous oxide curve could be represented 
approximately by the equation of a reaction of the 3/2 order: and, 
although this would not apply over the whole range, nevertheless, if 
we assume that the curve is complex, we should not neglect the pos- 
sibility that one of the components is of this type. 

A certain trend of the mean activation energy with pressure is 
observable. The table overleaf refers to lower pressures. Fig. 19 shows 
the trend over a wide range of pressures. 

From the observed rate at atmospheric pressure, and the equation 

number of molecules reacting 
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E 

E 

Pre8sui*e 

(from values of 

(from values of 

mm. 

half-time) 

initial rate) 

25 

54,600 

47,700 

50 

56,200 

61,000 

75 

56,600 

63,400 

100 

57,100 

56,300 

150 

57,600 

57,100 

200 

57,700 

67.700 

300 

58,000 

67,700 

400 

68,300 

67,700 

500 

68,600 

57,700 

600 

68,700 

67,700 


E is found to be about 55,000 calories, which is not very far removed 
from the mean of the observed values. 

Foreign gases can also contribute to the activation of nitrous oxide 
molecules (Volmer and Bogdan; Lewis and Hinshelwood), carbon di- 



Fig. 19. 


oxide being nearly as effective as nitrous oxide itself. The influence of 
foreign gases gives further indications that the pressure-rate curve is 
composite. 

Halogens* have a very striking catalytic effect on the decomposition 
which is probably due to the transitory intermediate formation of 
halogen oxides from nitrous oxide and free atoms of halogen. 


Proc, Boy, Soc,t A, 1932, 137, 25. 
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( 6 ) Thermal Decomposition of Acetaldehyde and Other Aldehydes.'^ 

The decomposition of acetaldehyde at temperatures in the neighbour- 
hood of 500"^ takes place almost quantitatively according to the equation 

CH 3 CHO = CH 4 +CO, 

the pressure change being an accurate measure of the amount decom- 
posed, as shown by the two lines in Fig. 20 , one of which shows the 



0 80 160 240 


Pressure change (mm.) 

Fig, 20. 

decomposition inferred from the pressure change and the other that 
determined by direct analysis with bisulphite and iodine. 

Under certain experimental conditions, for example, if the vapour is 
kept for an appreciable time at lower temperatures, complex condensa- 
tion reactions obscure the simpler results. Such reactions were absent 
in the experiments upon which the following observations are based. 

The radical chain mechanism given on page 89 explains very satis- 
factorily the photochemically induced reaction which takes place at 
300°-400° C. It seems, however, not to apply to the thermal reaction 
at 500^-600° C, which shows no trace of inhibition by nitric oxide. The 
following figures show the absence of such inhibition, and also show 

* Rinslielwood And Hutchison, Ptoc. Roy, 80 c. ■, A, 1926, 111, 380; Fletcher and 
Hinshelwood, ibid.. A, 1933, 141 , 41 ; Letort, see below. 

4^72 T 
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that such inhibition is unlikely to be masked by the positive catalytic 
effect which large amounts of nitric oxide exert. 

NO mm. ... 0 0 11 0-53 1 0 5-5 

t^isec.) , . .173 174 17:i 165 132 

These numbers should be contrasted with the results shown in 
Fig. 11. 

Over the range 0 to 1,000 mm. pressure the rate-jiressure curve for 
acetaldehyde follows a course which resembles that for nitrous oxide 



fnitial pressure (mm.) 

Fig. 2J. 

in general form. It can be approximately represented by the equation 
rate — A:[aldehyde]'~, but only by ignoring parts of the pressure range. 
If there is no chain reaction, then this curve would seem to provide 
evidence for a kinetically composite mechanism. 

A natural enough interpretation of the composite form of the curve 
would be that there are different types of activated acetaldehyde mole- 
cules, corresponding to localization of the activation energy in different 
parts of the molecule, that these have characteristically different trans- 
formation probabilities, and that one type does not readily change into 
another in the absence of collisions (page 95). 

This view certainly explains the very characteristic gradation in 
the form of the rate-pressure curves as we pass from the simplest 
aldehyde (formaldehyde) up the homologous series.* This is shown in 
Fig. 21. 

Some prefer, however, not to regard the evidence against radical 

* Hinshelwood, Fletcher, Verhoek, and Winkler, Proc, Roy. Soc., A, 1934, 146f 327. 
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chains as valid: to take the rate as nearly enough proportional to the 
3/2 power of the pressure, and to assume a chain mechanism.* 

With formaldehyde and acetaldehyde at about 600 mm. the rate is 
close to that calculated from With propionic aldehyde, a more 

complex activation mechanism predominates at this pressure, where 
the reaction is already of the first order. With propionic aldehyde, the 
nitric oxide method reveals the presence of some chain reaction, which, 
however, seems to be confined to those modes of reaction most in 
evidence at the lower pressures. 

* See especially Letort, J. Chim. phyfi.y 1937, 34 , 206, 265, 355. 
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If, in bimolecular reactions, any considerable proportion of the colli- 
sions taking place at atmospheric pressure led to reaction, the velocity 
of transformation would be too great to be measured experimentally. 
Indeed, in many reactions proceeding at conveniently measurable rates 
about one collision in 10^® to 10 ^^ jg effective. The value of EfRT in 
these instances is 25 to 30. Reactions with much smaller values than 
this will appear almost instantaneous. 

With termolecular reactions the position is quite different. An appro- 
priate ternary collision is an event of such rarity that, if in addition 
to a molecular encounter considerable activation is required, the velo- 
city of reaction will be negligibly small. Conversely, it may be expected 
that if any termolecular gaseous reactions are observed to take place 
with measurable speed at ordinary pressures, they must be associated 
with a very small heat of activation. These theoretical expectations 
are confirmed by experiment. 

With regard to the probability of ternary collisions in gases, Trautz* 
suggested that it was so small as to render true termolecular reactions 
impossible. Bodenstein, however, showed that the combination of 
nitric oxide and oxygen 2 NO+O 2 — 2 NO 2 is a homogeneous change 
which is kinetically of the third order, and the same appears to apply 
to the combination of nitric oxide with chlorine| and with brominej 
and to the reaction between nitric oxide and hydrogen. § 

2 NO+CI 2 - 2NOC1, 

2NO+Br2 - 2NOBr, 

2NO+H2 - N2O+H2O 

(or N 2 +H 2 O 2 ). 

What are virtually termolecular reactions occur in the recombination 
of atoms in triple collisions. 

Bodenstein, in the course of a comprehensive study of the formation 
and decomposition of the higher oxides of nitrogen, || showed, in con- 

* Trautz, Z. Elektrocheni.t 1916, 22 , 104. 
t Trautz, Z. anon/, ('hem., 1914, 88, 285. 
i Trautz and Datlal, ibid., 1918, 102 , 149. 

§ Hinsihelwood and Green, J. Chem. 6'oc., 1926, 730; Mitchell and Hinshelwood, ibid., 
1936, 378. 

II Z, phys'iknL Chem., 1922 100 , 68. 
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junction with Lindner, that the reaction between nitric oxide and 
oxygen proceeds in accordance with the equation 


= fc[NO]2[OJ. 


The velocity was measured manometrically, definite quantities of 
nitric oxide and oxygen being allowed to stream into a vacuous vessel, 
which was provided with a bromnaphthalene manometer, protected 
from the oxides of nitrogen by an air-buffer. 

The remarkable fact about the velocity of reaction was the negative 
temperature coefficient. The following figures are taken from Boden- 
stein’s paper, and illustrate the way in which the rate of reaction 
decreases as the temperature rises: 


T (ab8.) 
273 
333 
470 
564 
662 


jtxio-« 

201 ) 

1*33 

0-80 

0*68 

0*61 


The temperature coefficient, expressed as the relative increase in 
velocity for a ten-degree rise in temperature, changes gradually 

from 0*912 to 0*997 with rising temperature. 

A comparison between this and the usual temperature coefficient of 
a two- to threefold increase for ten degrees shows the expectation of a 
very low heat of activation to be realized. 

But the existence of a very low heat of activation would mean a 
temperature coefficient of just over unity. It would not account for an 
actual inversion of the normal effect. The depression of the coefficient 
below unity was due, according to Bodenstein, to another factor. This 
was a diminished ‘duration of collisions’ at higher temperatures, which 
lessened the chance of ternary collisions. Owing to the increasing mole- 
cular speeds, there was less and less chance, at greater temperatures, 
that two molecules should still be ‘within range of each other’ when 
a third one approached. There is, as a matter of fact, nothing in the 
simple kinetic theory of collisions between ideal molecules which wouM 
give this result, but possibly collisions between molecules of nitric oxide 
result in a temporary association to a complex, the life of which 
diminishes with increasing temperature. It is to be noted that the 
velocity of reaction falls off only very slowly, so that the diminishing 
frequency of the right kind of collision might account for the retro- 
gression without undue strain. 
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With regard to the molecular statistics of the reaction, at O'^C., and 
J atmosphere pressure of oxygen and f atmosphere of nitric oxide, 
the number of molecules reacting in one second is 7x 10^^ per c.c. It 
is now necessary to find whether the number of ternary collisions is 
sufficient to account for this rate of reaction. 

Bodenstein made a preliminary rough calculation in the following 
way.* The chance that an oxygen molecule hits a nitric oxide molecule 
actually in collision with one of its own kind bears the same ratio to 
the chance that it hits a single nitric oxide molecule as the molecular 
diameter bears to the mean free path. This gives the ratio of ternary 
to binary collisions as or 1 to 1,000. The number of collisions 

between oxygen and nitric oxide molecules under the experimental 
conditions is 3x 10^®. Thus there would be about 3x 10^® ternary col- 
lisions to provide for 7 x 10^® cases of transformation. 

In ternary collisions it is probable that the orientation of the mole- 
cules at the moment of impact is much more important than in bi- 
molecular processes, so that it is probably necessary to reduce the 
number of collisions likely to lead to reaction to 3x 10^^. In this way 
the ratio of the number of molecules reacting to the number suffering 
collisions of suitable orientation is found to be about 10“^ to 10“®. 

Now if we write, in the usual way, = lO-^ or 10“^, we find 

a value for the heat of activation of a few thousand calories only. Thus 
a very small temperature coefficient is to be expected. 

Nevertheless, it is interesting that other factors should actually invert 
the small positive effect which might have been expected. 

Two other termolecular reactions, namely, the formation of nitrosyl 
chloride and nitrosyl bromide, have in fact small positive coefficients, 
but very little above unity. 

Trautz and Schueterj showed that the whole matter could be en- 
visaged from a formally different point of view. The termolecular 
reaction between nitric oxide and chlorine is assumed to proceed in 
the following two stages: 

NO+CI2 ^ NOCI2, 

NOCI 2 +NO = 2NOC1. 

The concentration of NOClg is always small, the equilibrium in the 
first reaction being well on the side of dissociation. In this equilibrium 

[NOCI 2 ] - A:[NO][Cl2]. 

♦ For a detailed consideration of triple collisions, cf. Steiner, Z. physikaL Chem., B, 
1932, 15, 249. 

t Z. anorg. Chem..t 1924, 136, 1. 
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The rate of formation of NOCl in the second reaction is proportional 
to [NOCl 2 ][NO] and therefore to [NO]2[Cl2]. If the speed of the second 
reaction determines the measured speed of the whole change, then the 
reaction is purely termolecular in the kinetic sense. 

The increasing dissociation of the intermediate compound with rising 
temperature accounts for the low temperature coefficient of the resultant 
velocity. 

The decrease in rate resulting from the diminishing concentration of 
this compound might indeed be greater than the normal increase with 
temperature in the rate of the second reaction, and the temperature 
coefficient would then actually be negative as in the example of the 
nitric oxide oxidation. 

It is a rather striking fact that aU the four termolecular reactions 
which are known involve the participation of two molecules of nitric 
oxide. This may be simply a coincidence, but it more probably indicates 
that collisions between two molecules of nitric oxide, even if they do 
not result in the formation of N 2 O 2 , have a rather more 'inelastic’ 
character and a longer duration than most molecular impacts. 

A treatment of the reaction between nitric oxide and oxygen, based 
upon the view that NgOg is an intermediate, has been worked out by 
Bodenstein,* 

The reaction between nitric oxide and hydrogen is interesting because 
it takes place at much higher temperatures than the other three ter- 
molecular reactions. Its speed at 1,100° abs. is more or less comparable 
with that of the oxidation of nitric oxide at the ordinary temperature. 
The reaction takes place roughly according to the equation 

which shows that the primary reaction is between two molecules of 
nitric oxide and one of hydrogen. The subsequent decomposition of 
the nitrous oxide or hydrogen peroxide thus formed is very rapid in 
comparison. 

The molecular statistics of this reaction are of some interest. The 
heat of activation, as measured directly from the temperature coeffi- 
cient, is 47,000 calories. 

A bimolecular reaction which would proceed with comparable velo- 
city at the same temperature as this reaction would have a heat of 
activation of about 60,000 calories. Now termolecular collisions are 

Report of Vth Solvay Council^ 1935, p. 1. 
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about 1,000 times less frequent than bimolecular collisions at atmo- 
spheric pressure. Thus, if we have a bimolecular reaction and a ter- 
molecular reaction with equal heats of activation, the rate of the latter 
should be at least 1,000 times smaller than that of the former at the 
same temperature. It will probably be more nearly 10,000 times slower, 
since a larger proportion of the ternary collisions are likely to be in- 
effective on account of unfavourable orientation of the molecules during 
impact. Conversely, if a termolecular reaction and a bimolecular re- 
action are to take place at equal rates at the same temperature, then 
the heat of activation of the termolecular reaction would need to be the 
smaller by an amount such that = 1,000 to 10,000. Thus, 

other things being equal, the heats of activation of termolecular reac- 
tions ought to be about 5,000 calories less at the ordinary temperature, 
and about 15,000 calories less at 1,000"^ abs., than those of second-order 
reactions. The value 47,000 calories in the light of this appears quite 
a natural one. 

A closer study of the reaction* shows that a more accurate expres- 
sion for the reaction rate is given by 


4NO] 

dt 


^i[NO]*[H2] 


MnoJTO 

l+a[NO] 


i3[NO]*[H,] 

r+6[H3]“’ 


where a and b are constants. 

This can be interpreted by supposing that binary collision complexes 
(2NO) and (NO.Hg) are formed, and that these have definite ‘lives’. 
Reaction occurs between the pair (2NO) and Hg or between the pair 
(NO.Hg) and NO, it being necessary for the third partner to arrive 
during the life of the binary complex. Calculations based upon this 
idea lead to a formula of the above type. 

The whole question of termolecular reactions, and the problem 
whether they involve binary intermediate compounds, assume a logi- 
cally simpler aspect if we realize that a binary collision must be regarded 
as possessing a certain duration, whether an association compound is 
formed or not. The duration may be difficult to define in precise 
quantitative terms, but it is obviously a function of the structure of 
the molecules and of the forces acting between them. 

Ternary collisions play an important part in the recombination of 
free atoms, and in some cases seem to be of a high degree of efficiency. 
The complexity introduced by varying collision times is shown by the 
fact that in a reaction where A' combines with A**, not only must 


♦ Mitchell and Hinshelwood, J. Chem, Soc., 1936, 378. 
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encounters in the order meeting X be taken into consideration 

but also* those in the order .meeting A”. The characteristic time 
relations for the two types will naturally be different. A similar state 
of affairs appears to exist in the reaction between nitric oxide and 
hydrogen. For example, if the pair NO. NO persists so long that it is 
certain to meet hydrogen before resolution, the rate of reaction becomes 
independent of the hydrogen pressure, but, if its life is very short com- 
pared with the time between collisions, then the rate is directly pro- 
portional to the hydrogen pressure. 

The combination of free radicals seems to be a process of the third 
order only when the structure of the radical is rather simple. With 
complex structures the kinetic energy of approach and the heat of union 
wander off into internal degrees of freedom and would only find their 
way back after a relatively long time into the coordinate corresponding 
to separation of the two radicals. But before this happens there will 
probably have been many collisions of the associated pair with some- 
thing else. And it does not matter how many as long as there has been 
one at all. The rate of combination only becomes proportional to the 
concentration of molecules capable of providing the third partner when 
the life of the binary complex is not long compared with the time 
between collisions. This state of affairs is more completely realized the 
simpler the combining pair.f 

Hydrogen atoms combine in a third-order process: the same applies 
to the recombination of nitrogen atoms which seems to play some part 
in the decay of active nitrogen. The recombination of two methyl 
radicals seems, however, to be a second-order process, which means 
that the life of the association complex is much longer than that of 
a pair of atoms. The evidence for this is derived from the study of the 
photolysis of acetaldehyde, the kinetics of which are completely ac- 
counted for by the assumption of the binary recombination process but 
would not admit the ternary process. The recombination of hydroxyl 
radicals, in activated steam, appears to depend upon ternary collisions 
in which the duration of the binary encounters of two hydroxyl radicals 
is rather long.J 

* Rabinovitsch, Trans, Faraday Soc,, 1937, 33, 283. 

t Cf. Kimball, J. Chem. Phys,, 1937, 5, 310. 

} Oldenberg and Rieke, ibid., 1939, 7, 485. 
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VII* 

CHAIN REACTIONS SHOWING SPECIAL CHARACTERISTICS 

The significance of the process called activation has been abundantly 
illustrated in previous chapters. Ordinarily it is governed by the energy 
distribution laws prevailing in a system in thermod3niamic equilibrium, 
but in exothermic reactions a special mechanism becomes possible, in 
which the energj?^ set free is communicated to molecules which it im- 
mediately activates, a reaction chain being thereby established. As 
a special, and, as it has proved, very important case, the original 
activation may have proceeded to the limit of resolution into free atoms 
or radicals: and the chain consists in the repeated regeneration of these 
at each stage. 

The idea of chain reactions originated in two ways, both of which 
have been referred to in the foregoing pages. In one form it was intro- 
duced to explain the enormous deviation of the hydrogen chlorine com- 
bination from Einstein’s law; and chain reactions are now generally 
recognized to occur wherever many molecules are transformed per 
quantum absorbed in a photochemical change. In a different connexion 
the idea was used by Christiansen and Kramers to remove the diffi- 
culty then felt about accounting for the rate of activation, which was 
apparently too great to be explained except by a chain mechanism. 
We have now to consider some special characterisUcs of the chain 
mechanism. 

The Theory of Negative Catalysis, 

The explanation of negative catalysis in terms of the chain reaction 
mechanism was given by Christiansen. f 
There is no particular difficulty in understanding how a small trace 
of some foreign substance can accelerate a chemical reaction to a very 
marked extent: the molecules resort one after another to the catalyst 
where they undergo an extremely rapid change. But there is much 
more i^stery about the converse process, known as negative catalysis, 
whereby a '^rnall trace of some substance may almost entirely inhibit 
a reaction which in the absence of the negative catalyst would be taking 
place quite rapidly. Molecules are known to exert appreciable forces 
only at distances which are not much greater than theirjown diameters; 

* Cf. Semenov, Chemical Kinetics and Ovain Reactions ^ Oxford, 1935. 
t J. Physical Chem., 1924, 28, J45. 
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if, therefore, the negative catalyst is present in small concentration only, 
most of uhe molecules will be quite outside the range of its influence, 
and there is at first sight no reason why they should not be undergoing 
their normal reactions. 

One suggestion made was that all reactions subject to the influence 
of negative catalysts were in reality reactions already catalysed by a 
trace of some other substance present in small enough amount to be 
more or less completely removed even by the small quantity of negative 
catalyst added. Examples of this kind of action are known: and indeed 
the ‘poisoning’ of a catalytic surface in a heterogeneous reaction is 
something of the kind. Nevertheless, examples of inhibition are known 
which are not explicable in this way. 

If a reaction takes place by a chain mechanism, and if a molecule 
of the negative catalyst combines with or deactivates one of the atoms 
or molecules participating in the propagation of the chain, then not 
only is this one atom or molecule put out of action, but, virtually, all 
those which would normally have reacted in the rest of the chain. Since 
the chain might have been a verj^ long one, it is evident that one mole- 
cule of the negative catalyst may thus stop the reaction of hundreds 
or thousands of molecules. 

The most direct evidence that negative catalysis sometimes works 
in this way in ordinary thermal reactions, and, therefore, incidentally, 
that the chain mechanism can operate in such reactions, was found by 
Backstr5m.* In the photochemical oxidation of benzaldehyde, hept- 
aldehyde, and of solutions of sodium sulphite, there are very large 
numbers of molecules transformed for each quantum of light absorbed, 
amounting respectively to 10,000, 15,000, and 50,000 for the three 
reactions. Such deviations from Einstein’s law show that the light 
probably sets up chain reactions. These photochemical changes are 
markedly subject to the action of inhibitors, which presumably cut 
short the chains. BackstrOm established the important fact that the 
corresponding reactions which take place in the dark are subject to 
the influence of the same inhibitors in an almost exactly parallel way. 
Thus it would appear that chain processes occur in the ordinary thermal 
reactions, and that the inhibitors act in the manner supposed by 
Christiansen’s theory. 

The results obtained for the oxidation of sodium sulphite solutions 
containing various alcohols as inhibitors are particularly instructive. 

♦ J, Amer. Chem. Soc., 49, 1460; Medd. K. V etenskapsakad. NoheUInst.^ 1927, 
6, Numbei*8 16 and 16; Trans, Faraday Soc.^ 1928, 24, 601. 
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The rate of reaction depends upon the concentration of the inhibitor, 
( 7 , in the following wa<y : 

rate of dark reaction ~ ki/(kC-j-k 2 )y 
rate of photochemical reaction = 

X’l, k being constants, the latter depending on the nature of 

the alcohol. 

The alcohols themselves are gradually oxidized; thus the mechanism 
of the inhibition seems to be that at some link of the sulphite oxidation 
chain an alcohol molecule is oxidized instead of a sulphite ion, and the 
chain is thereby interrupted. The exact mechanism of the normal 
uninterrupted chain is not exactly known: nor is it relevant to the 
discussion. By measurements of the rate of oxidation of the inhibitor 
the chain -length can be found: the calculation is based upon the fol- 
lowing considerations. Chains are broken in two ways: by the alcohol, 
and in some way which prevents them from reaching an infinite length 
when there is no alcohol present. This is represented by the two terms 
kC and k^ in the above equations. When the inhibition is considerable 
it may be taken that all the chains are broken by alcohol molecules: 
this stage is marked by the fact that kC is large compared with k^ and 
thus the rate is inversely proportional to the concentration of the 
inhibitor. Thus measurement of the number of alcohol molecules oxi- 
dized gives the number of chains broken in unit time: this must equal 
the number started. Dividing the total number of molecules of sulphite 
oxidized by the number of chains gives the number of links in eacjh 
chain. Another way of finding the chain-length is by measurement of 
the quantum efficiency of the photochemical reaction under the same 
conditions of concentration: for, although the light increases the num- 
ber of chains starting, it does not alt^r their length provided that the 
alcohol concentration is in the region where all the chains are broken 
by the inhibitor molecules. Backstr5m found good agreement between 
the chain-lengths determined in these two ways.* 

Although- the reactions just described are not gaseous reactions they 
have been dealt with in some detail because the processes which they 
illustrate play an important part in gas reactions also. The action of 
‘antiknocks’ may be interpreted as a phenomenon of negative catalysis 
of a chain reaction. There is evidence to show that in the combustion 
of hydrocarbons bodies of a peroxide character are formed, and that 
these act as centres from which chains are propagated. t Metallic anti- 

* See also B&ckstrom, Z. phymkal. Chem,,^ B, 1984, 25, 99, 122. 
t Egerton and Gates, J, Inut, Petroleum Tec/i., 1927, 13, 281. 
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knocks, such as lead tetra-ethyl, are supposed to give rise to peroxides 
themselves, which react with and destroy the fuel peroxides and thus 
interrupt the chains. Further examples of this kind of action will arise 
in a later section dealing with the union of hydrogen and oxygen. 

Quantitative Treatment of Reaction Chains. 

To write down the differential equation for the rate of a chain reaction 
we employ the law of mass action, but the simple application of this 
involves the concentration of the transitorily formed atoms, radicals, 
or activated molecules which propagate the chain, and as this con- 
centration is unknown the equation written down would be useless 
unless some other relations are established by means of which the 
unknown quantities can be eliminated. These relations are provided 
by the condition that the chains shall be stable, or the condition of the 
system ‘stationary’. This means that the number of chains starting in 
unit time must be equal to the number finishing, as long as the con- 
centrations of the reacting substances are thought of as constant. If 
we imagine a system at the very instant when a chain reaction starts 
in it, it is evident that for a fraction of a. second the reaction velocity 
will increase as the chains develop, but in an extremely short space of 
time will reach a ‘stationary’ value where the number of new active 
particles formed in time dt is equal to the number disappearing. This 
‘stationary’ value only remains constant, of course, so Jong as the con- 
centrations of the primary reacting substances do not change appre- 
ciably — a condition which is, however, automatically provided for when 
we establish a differential equation for the reaction velocity. Some 
examples follow. 

(a) The best example to consider first is that treated by Christiansen 
and Kramers.* Here we have a single reacting gas, undergoing, for 
example, thermal decomposition. The molecules are activated by col- 
lision in the first instance, but the product of reaction is able to activate 
fresh molecules of the initial substance in giving up its excess energy; 
moreover, each molecule of the product is supposed to activate, on the 
average, a molecules in the process of relapsing to the normal condition. 
In the original treatment the chain was imagined to consist in the 
handing on of energy. The arguments apply, mutatis mutandis, to the 
regeneration of fresh atoms or radicals. This can be taken as under- 
stood throughout in the following. 

Let n be the concentration of normal, unactivated molecules of the 

* Z. pfiysikal, Chem,, 1923, 104 , 451. 
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reacting gas, a that of activated molecules of the reacting gas, and a* 
that of activated molecules of the product. The condition for a stable 
chain is that 


da 

dt 


— 0 and 


dt 


0 . 


Thus we have 
dt 


Aa 


= 0 


Rate of spontaneous change 
of activated reactant into ac- 
tivated 'product. A is a con- 
stant. 



(1) 

aZj na' 


Loss of activated product mole- 
cules by collision with normal 
molecules, which may be activated 
thejnselves in the process. is 
a constant. 


Aa — Z^na 0 


Production of ac- 
tivated molecules of 
reactant by collision 
among themselves, i.o. 
independently of the 
chain process. 


Corresponding 
to process (2) of 
the above equa- 
tion. 


Corresponding 
to process ( 1 ) 
above. 


Rate of deactivation 
of active molecules of 
reactant by collision 
with normal molecules. 
Z^ is a constant. 


The first and last terms of the second equation would naturally 
balance for thermodynamic reasons if no chemical reaction were going 
on. and Zg depend upon the molecular speeds and diameters. 

From the firs.!, equation 

Aa 


a = 


Z^n 


substituting in the second 

Kn^+otAa- 


whence 


a = 


-Aa—Z^na 0, 
Kn^ 


Z2n+^(1 — a)* 


Rate of reaction = Aa = 


AKn^ 


Z^n-\-A(l—(xy 


If every activated molecule of product activates just one molecule 

AK 

of reactant, then a = 1 and the rate reduces to 

Under these conditions the rate varies as the first power of w, although 
the reaction reaUy depends upon collisions, a result which we have 
already derived from a more general argument in dealing with uni- 
molecular reactions. 
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Stationary and Non- Stationary Processes, 

The method of calculation given in the last section can easily be 
generalized to yield an expression of the following form: 

, X- function of concentrations 

rate ol reaction = — 

factor ] f factor deter- 

determining mining breaking 
breaking of + of chains by +^(1— a) 
ch^s by collisions in 

sm-face J [ gas phase 

m 

7*+/c+^ (!-“)’ 

where ^ is a constant or a function of concentration according to 
circumstances, and ol is the number of active particles resulting from 
one original active particle involved in the propagation of the chain. 

With F(c) we are not at the moment much concerned; it depends 
upon the nature of the chemical act by which the chains are initiated. 

/g and/g represent the two ways in which chains can be terminated — 
namely (a) by deactivation at the surface of the containing vessel of 
one of the molecules which would otherwise have continued the chain, 
and (b) by deactivation of such a molecule in a collision in the gas 
phase, without the handing on of the energy. 

If a is not greater than unity, the velocity of reaction can only attain 
** a considerable value if and are small, that is, if the chains are not 
broken very often. 

When, however, a is greater than unity, phenomena of a most 
interesting kind become possible.* This condition that a > 1 may be 
fulfilled in a sufficiently exothermic reaction, and especially one where 
X -> 2Y, or JTi+Xg — 2Y, each of the Y molecules possessing enough 
energy to be the potential origin of a new chain. The same thing 
happens if one atom or radical yields two, as in the reaction 

0+H2 = OH+H. 

It will be evident that under these circumstances the term >4(1 —a) in 
the above equation is negative If the negative value is large enough 
it may equal the rate of reaction will then be infinite. The 

meaning of this is that, on account of the branching of the chains 
which is now occurring, the number of fresh chains which start in any 
element of tira^ is greater than the number terminat ed: thus no 

♦ Semenov, Z, Phyaih, 1927, 46 , 109; ibid., 1928, 48 , 571. 
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stationary condition “is possible. There can be no stable reaction velo- 
city, but only one which increases indefinitely with time. In other 
words, an explosion occurs. 

A distinction, at least in degree, may be drawn between this kind 
of explosion and a thermal explosion which occurs when the rate of 
liberation of heat in a system exceeds the rate at which it can be con- 
ducted away, so that the temperature rises and the reaction proceeds 
at an ever increasing rate until ignition results. 

Critical Pressure Limits, 

The relative magnitudes of the expressions A(l— a) and of 
naturally vary with the concentration of the reacting gases and of any 
foreign gases present. Thus the denominator of the expression for the 
rate of reaction may be positive for certain concentrations and negative 
for others. At any concentration where just becomes 
zero there is a critical limit. On one side of the limit a stable velocity 
is possible, on the other side the number of chains starting is greater 
than the number terminated, so that the reaction almost instantane- 
ously accelerates to explosion. 

The limit may appear to be extraordinarily sharp. The stable velo- 
city on one side of the critical limit may be quite small: at the limit 
a stationary condition ceases to be possible and the reaction must 
accelerate; thus, however small the velocity at a point just on one side 
of the limit, explosion takes place on the other side. The acceleration 
to the explosive point takes place in a time of the order of that required 
for chains to develop in the gas; which may be an immeasurably small 
fraction of a second. Thus we have the remarkable phenomenon of 
a critical concentration limit, on passing which a very slow reaction 
suddenly changes into explosion. 

The critical limit may be an upper limit or a lower liiiiit. This comes 
about in the following way. Chains are interrupted either by deactiva- 
tion at the wall or in the gas phase. The greater the concentration of 
the gases, the smaller relatively is the influence of the wall factor. 
When this is the chief means by which the chains are broken there 
may be a transition from slow reaction to explosion as the pressure 
increases. When, on the other hand, deactivation in the gas phase is 
the principal factor in controlling the length of the chains the transitibn 
from a stationary to an explosive process may occur as the pressure 
decreases. ^ 

When botj^ factors operate simultaneously there may be both an 
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upper and a lower limit of concentration, above and below which slow 
reaction occurs but between which lies a region of non-stationary, 
explosive processes.* 

The Lower Explosion Limit. 

It had long been known that phosphorus would only glow in oxygen 
if the pressure of the latter was below a certain limit. But it would 
hardly have been justified, on the basis of existing observations, to 
interpret this as a critical pressure in the sense of the last paragraph, 
in view of Rayleigh’s demonstration that the glow of phosphorus is 
under some conditions a phenomenon depending on heterogeneous 
catalysis by nuclei of an oxidation product: these nuclei might be 
poisoned by an excess of oxygen, as well as by the various vapours 
which are known to inhibit the glow. 

Chariton and Walta,t and more conclusively Semenov, J found, how- 
ever, that there is also a lower critical pressure below which the gaseous 
reaction between phosphorus vapour and oxygen at ordinary tempera- 
tures hardly takes place at all, and above which it leads to the pro- 
duction of an explosive ignition. The critical oxygen pressure is 
quite small, a fraction of a millimetre of mercury, and can be measmed 
by allowing oxygen to enter through a capillary tube into a vessel 
containing phosphorus vapour and noting the point at which ignition 
occurs. Measurements on the rate of change of pressure with time, by 
means of a McLeod gauge, show that the reaction at pressures below 
the critical is very slow, p^ is decreased if the pressure of the phos- 
phorus vapour, is increased, and is also decreased if the size of the 
vessel is increased. This is because the reaction is a chain reaction and 
the active particles lose their activity or are destroyed when they collide 
with the walls of the vessel. This happens relatively less frequently in 
large vessels: hence the explosive region is reached more easily. The 
presence of argon lowers the critical pressure, because the foreign gas 
makes diffusion of the chain carriers to the wall more difficult. 

* We have used a to indicate the number of active molecules produced in the particular 
act of chemicdl transformation by which the chain is propagated. Thus if X-j-V ~ 2Z, 
and the Z molecules are both active, a = 2. The two Z’s, being exposed to various 
deactivating influences, do not necessarily survive to complete a cycle of changes. Even 
though a = 2, there may not be explosion: if, for example, only one of the two Z'^ 
survives on the average there is no effective branching of the chain. Some writers have 
used a in the sense of this effective yield of active molecules : their condition for explosion 
would be simply a > 1, whereas that given above is A(a~l) > The difference 

is only one of definition, but attention is called to it, since otherwise Tonfusion might 
arise in comparing statements of different writers. 

t Z. Physik, 1926, 39, 647. . t Ibid., 1927, 46, 109. 
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Similar phenomena are shown by phosphine and oxygen,* the rate 
of reaction below the limit being immeasurably small. 

The simple quantitative treatment of the phenomenon, in terms of 
the chain theory, is given below. In what follows the example of phos- 
phine and oxygen is used, but the method applies with appropriate 
modifications to other reactions. 

The exact origin of the first centres from which chains are propagated 
does not affect the following considerations, which deal with the rate 
of increase of the chains when they are once started. 

Let it be supposed that there are a certain number of molecules of 
activated oxygen, and that these act upon phosphine giving an active 
product, denoted by the symbol Xp, which reacts with oxygen to give 
another active product Xq. This in turn reacts with phosphine giving 
Xp again, and so on until the chain is broken by reaching the waU of 
the vessel. 

In the course of a chain let there be collisions between Xq and 
PH3, 7(^2 between Xq and O2, between Xp and PH3, and between 
A^P and O2. Let ^4 = Since Xq only appears when Ap 

disappears and vice versa, — n^, 

Wi/(Wi+M2) = PvnJ{PvH,+Po,)\ »4/(»3+«4) = PoJ{Tv^,+Po,)^ 
whence ni = n^ = n. 

By the Einstein-Smoluchowsky relation, the number of collisions 
suffered by a particle undergoing a mean displacement d is 
where A is the mean free path. 

If we assume that every chain is terminated by the action of the 
w^all of the tube, n — l' 5 d^jX^, d being of the order of magnitude of 
the diameter of the tube. If some of the chains are ‘reflected ' from the 
walls, this is equivalent to an increase in the effective diameter, so that 
the qualitative nature of the wall may be roughly taken into account 
by multiplying d by a factor which varies from one kind of tube to 
another. Taking the mean free paths of all the kinds of molecule to be 
approximately equal, A is inversely proportional to the total pressure, 
and thus may be written Ao(i>/pH,+Po,)- 

Substituting these values we find for or the expression 
l>o.23pH.X l-5^2d:VAg. 

Suppose the probability that the chain branches at a given collision/ 
to be V, Then the number of times on the average that the chains 
* Dalton and Hinahelwood, Proc, Roy, Soc., A, 1929, 125, 294. 
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branch before their existence is ended is If fhis 

average is much less than unity, the branching will not lead to explosion 
since there is less than an even chance that a new chain so produced 
will create another before it comes to an end. The condition for explo- 
sion is therefore that the above expression is of the order of magnitude 
unity. Thus at the critical pressure we have the relation 

~ constant. 

To take into account the presence of an inert gas, e.g. nitrogen, the 
necessary modification of the above calculation is easily made and leads 
to the relation: 

Po,Ppa,^^d4^-\ — ) = constant. 

\ Po.+PpmJ 

The above method of calculation is an approximate one only, since 
the condition for explosion is not quite rigidly formulated. A more 
accurate procedure, though one which does not give so clear a picture 
of the mechanism, is to write down equations for the rate of production 
and rate of removal of Xq and Xp, and find the condition where a 
'stationary state’ just ceases to be possible. This leads to an equation 
reducible with certain approximations to the above simple form. 

Thus we have: 

= h i’(c)+^•,[Xp][0,]-i3[Xo][PH3]- A'[Xo] = 0, (1) 

= a^ 3 [^oJ[PH 3 ]-MXp][ 03 ]-A[Xp] = 0. (2) 


(1) expresses the fact that Xq is formed both spontaneously, in some 
way left undetermined, the rate being expressed simply by k\ F{c), and 
by collision of Xp with oxygen in the chain; and that Xq is destroyed 
both by reaction with phosphine and by some process at the wall, the 
rate of the latter being iL[Xo]. 

(2) expresses similar facts about the production and destruction of 
Xp. (X molecules of Xp are supposed on the average to be formed from 
one of Xq, thus introducing the condition that the chains can branch. 
a is greater than unity. No spontaneous production of Xp is allowed 
for, but it is easily shown that there is no loss in generality on this 
account. Solving for [Xo] we obtain 


[^o] = 


^ilk^O,]F(c)+K^iF(c) 

-oc)k^ yPHslOjj+^a A[ 03]+*3 A[PH3]+ 


Assuming perfect efficiency for the collisions between Xq and PHg and 
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between Xj, and Og, we have = k^; moreover, £^^2 is probably 
small, since k^ is large. Introducing these simplifications, and equating 
the denominator to zero, we find that [Xq] increases indefinitely, i.e. the 
stationary condition ceases to be possible, when 

(a-.l)A:3[PH3][02] := Z([02]+[PH3]). 

Since K, which determines the rate at which Xq and Xp reach the wall, 
for unit concentration of either, is for a given tube inversely propor- 
tional to the total pressure we have K — Xo/([02]+[PH3]-f-[N2]). 
Thus 

(a-l)yPH3][OJ = Z„([0J+[PH3])/([03]+[PH3]+[N3]). 

Since concentrations are proportional to partial pressures, this con- 
dition becomes 

Po,PTuh-\ ^ — I =. constant 

\ Po,+Ppb,/ 

for a given tube, as above. 

In general, we have, for any cylindrical tube, and a reaction involving 
two gases in a symmetrical way, 

PiP2 ( ^ = constant. 

\ P1+P2 1 

For a given tube — plotted against ( should give a 

P1P2 \ P1+P2I 

straight line, 

Melville and Ludlam* have improved the above treatment by allow- 
ing for the different resistance which different inert gases offer to the 
diffusion of molecules through them. With this correction it is found 

that plotted against (l-f gives a straight line, the slope 

P1P2 \ P1+P2I 

of which is inversely proportional to the diffusion coefficient of the 
active chain carriers through the inert gas. 

It may be said that the general correctness of the picture which these 
formulae give is quite strikingly demonstrated by experiment. The 
diameter effect, which reveals the character of the phenomenon perhaps 
more clearly than any other, has been found, for example, with phos- 
phorus and oxygen, t phosphine and oxygen, J hydrogen and oxygen, § 
and with carbon disulphide and oxygen.|| The inert gas influence, which 

♦ Proc. Roy. Soc., A, 1931, 132, 108. 
t Semenov, loc. cit ; Melville and Ludlam, loc. cit. 

I Dalton and Hinshelwood, loc. cit. 

§ Hinshelwood and Moelwyn-Hughes, Proe. Roy. Soc.^ A, 1932, 138, 311. 

II Thompson, Z. physikal. Chem.y B, 1930, 10, 273. 
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is hardly less significant, has been shown in the following examples 
among others: phosphorus and oxygen,* phosphine and oxygen, j 
hydrogen and oxygen, { carbon disulphide and oxygen, § carbon mon- 
oxide and oxygen,|| in all of which systems ‘lower limit’ phenomena 
appear under appropriate circumstances. In some of these examples 
the correlation between the relative effects of different gases and their 
diffusion coefficients has been very fully established.** Results plotted 
in the manner indicated above usually give fairly good straight lines. 
When, however, it comes to an exact quantitative representation of 
experimental results, the simple theory proves to be only an approxima- 
tion. This is not in the least surprising, and would indeed be expected: 
the vessel walls do not necessarily remove the chain carriers with per- 
fect efficiency. Indeed there are indications that this efficiency is quite 
low — and its actual value depends very much upon the exact state of 
the vessel wall, in particular upon the nature of the adsorbed gas films. 
Thus we should expect some tendency to irregular variations from 
experiment to experiment, and also some systematic distortion of the 
simple formula. The former are indeed encountered, but can be over- 
come by the use of a standardized technique. The nature of the latter 
may be indicated by a few examples. 

Semenov’s experimental results for phosphorus were best represented 
by the formula 

j)oJppil+ -- constant. 

In the phosphine oxidation, while the relation to the square of tlie 
diameter is fairly well satisfied, the product Po.i^PH, not quite con- 
stant for variations in the relative proportions of the two gases. The 
same departure from a quite symmetrical relation is found with hydro- 
gen and oxygen. In the latter reaction the diameter influence, although 
qualitatively that required by the theory, does not conform quanti- 
tativelj , since the nature and state of the surface as well as the diameter 
of the tube affect the results. Certain foreign gases are also found, not 
unnaturally, to exert specific influences not predicted by the theory. 
These departures from the simple formula are, however, only what 
would be expected from a critical consideration of its derivation. 

* Semenov, loo. cit; Melville and Ludlam, loc. cit. 

t Dalton and Hinahelwood, loc. cit. 

I Hinehelwood and Moelwyn-Hughes, Proc* Roy. Soc.^ A, 1932, 138, 311. 

§ Ritchie, Brown, and Muir, Proc. Roy. Soc., A, 1932, 137, 511. 

II Hadman, Thompson, and Hinshelwood, ibid.. A, 1932, 138, 297. 

Cf. Melville and Ludlam, loo. cit. 
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Lower critical limits appear in general to be almost independent of 
temperature. This has been shown experimentally with phosphorus 
and oxygen, with hydrogen and oxygen, and with carbon monoxide and 
oxygen, and a few other systems. 

The Upper Explosion Limit. 

Examples of systems in which upper limits are found are the fol- 
lowing: hydrogen and oxygen,* phosphine and oxygen, f sulphur and 
oxygen, J carbon disulphide and oxygen, § carbon monoxide and 
oxygen. II 

An idea of the actual pressures is conveyed by the example of a 
mixture of composition 2 H 2 : O 2 at 550^^0., where the lower limit is 
at a pressure of a few millimetres, while the upper limit is at about 
100 mm. 

In striking contrast to the lower limit, the upper limit is usually, 
possibly always, nearly independent of the vessel diameter. Moreover, 
its position does not tend to change much with changes in the state of 
the vessel wall. In a system such as hydrogen and oxygen a limiting 
pressure exists for all compositions of the mixture. If the partial pres- 
sure of hydrogen is ^duced, that of oxygen must be correspondingly 
raised to prevent explosion. These facts point clearly to the hypothesis 
that the limit is determined by deactivation in the gas phase. Foreign 
gases can contribute to the deactivating process. The presence of argon, 
carbon dioxide, or steam in the hydrogen-oxygen system lowers the 
partial j)ressure8 of the reacting gases themselves at the limit. Thus 
deactivation by the foreign gases must be occurring to some extent.^ 
The actual magnitude of these effects is not in general very great: for 
example, at 550"^ C., 55 mm. of argon can lower the critical partial 
pressure of a 2:1 hydrogen-oxygen mixture by 17 mm. (This de- 
activating effect, although appreciable when the pressure of the inert 
gas is fairly high, is not, it should be noted, enough to mask the opposing 
effect of the inert gas at the lower limit, where, for example, 4*4 mm. 
of argon lowers the partial pressure of hydrogen and oxygen from 4*25 
to 2*21 mm.) 

The upper limit is usually displaced rapidly in the direction of higher 
juessures as the temperature rises. The boundaries of an explosion 
region have therefore the form shown in the figure. 

♦ See page 163. 

t Dalton, Froc, Roy. Soc., A, 1930, 128, 263. 

I Semenov and Rjabinin, Z. phyaikal. Chem,, B, 1928, 1, 192. ^ 

§ See page 156. II See page 169. 
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The lines ab and cd do not appear to cut quite sharply but bend 
round as shown. At temperatures below Tq no explosions occur at all. 

This type of behaviour, if not universal, appears at least to be 
exhibited by a number of systems. 



Fig. 22. 

With regard to the nature of the deactivation processes occurring in 
the gas and controlling the position of the upper limit, there are several 
possibilities. These are as follows: (1) Activated molecules are deprived 
of their energy by the so-called collisions of the second kind. (2) More 
often the activated species are free atoms or radicals, and thus mole- 
cules of any kind, whether of an inert gas or of the reacting gases, will 
aid their removal by recombination, e.g. 2H+A^ ~ Hg+A. 

The explosion limit is controlled by the balancing of two processes, 
the production of fresh active molecules by branching of chains, and 
the deactivation process. In general, the rate of both these processes 
will increase with pressure. For there to be an upper limit the second 
must increase more rapidly than the first. This can most easil}^ come 
about when the radicals or other active species are produced in binary 
collisions and removed in ternary collisions. 

Many interesting details about the upper limit in the hydrogen- 
oxygen reaction can be accounted for in this way. The following simple 
theory* shows some of the results of the assumption. 

Let X and Y be two kinds of atom or molecule which collide in the 
course of a chain and let there be a certain probability that at such 

* Grant and Hinshelwood, Proc. Boy. Soc., A, 1933, 141, 29; Kassel and Ston^h, 
J. Amer. Chem, Soc., 1935, 57, 672. Cf. also Dalton’s discussion of the limit in the 
system phosphine'Oxygen : Proc, Roy. Soc.p A, 1930, 128, 263. 
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a collision the chain branches. If, however, any third molecule arrives 
while X and Y are associated together, then deactivation occurs. 
Equating rate of branching to rate of deactivation, we have ) 

v[XlY] = Z,[XlYlli,]+ZlXlYlO,]+ZlXlYlMl 

M representing an inert gas present, v is proportional to the probability 
of branching. The Z factors are proportional to the collision frequencies 
of the complex XY with hydrogen, oxygen, or the inert gas respectively. 
From this is follows that at the limit is a con- 

stant. Experiment shows, in agreement with this, that at the limit, in 
the absence of an inert gas, [Hg] = ( 7 — ^[Oa], and also that on addition 
of inert gas there is a linear decrease in the partial pressures of hydrogen 
and oxygen. The influence of helium is considerably greater than that 
of argon on account of its much greater speed, ancf consequently greater 
Zg value. Similarly, the constant 6, which equals Z^jZ^, is much less 
than unity, since the speed of oxygen molecules is much smaller than 
that of hydrogen molecules. 

The value of can be shown to be proportional to (^xvMlh'^YMf 

where /x = etc., being the molecular weights, and 

(JxYM molecular diameters of the complex XY and the 

colliding molecule M] similarly for Zh, and Zq,. 

To allow the high speeds of hydrogen and of helium compared with 
oxygen and argon to have the influence in the calculation which experi- 
ment shows them to have in practice, the value of m^T RiRst not be 
too small. Thus XY must be much heavier than a pair of hydrogen 
atoms. Given this, the calculation is not very sensitive to the exact 
mass of XY. This may therefore be taken to be of the order of magni- 
tude of the mass of Hg+Og. oxy ^^7 be taken as equal to 
(TH,+cro,* Using the values for the molecular diameters given in Tol- 
man’s Statistical Mechanics, one finds that helium should have 1-77 
times the effect of argon, while the experimental value is about 1*0. 
Moreover, the ratio of the Z values for hydrogen and oxygen gives 
the calculated value of the constant b as 0*39, compared with an 
experimental value of 0*325. Having regard to uncertainties in the 
molecular diameters, these agreements are very close, and show that 
the relative speeds of the different molecules principally determine the 
variation of the upper limit. Thus the theory of gas phase deactiva- 
tion of fairly massive complexes in ternary collisions is strongly 
supported. 
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Since v = in the absence of an inert gas, it follows 

that for a given ratio of hydrogen to oxygen, the total explosion pres- 
sure will vary with temperature in the same manner as v (neglecting 
the relatively small changes in and Z^. v, being proportional to the 
probability of branching, will vary according to an Arrhenius equation, 
which the explosion pressure should also satisfy. This is realized in 
practice. 

If, as here assumed, the probability of branching varies exponentially 
with temperature, it remains to be seen why the lower limit varies so 
little. Adapting to the present problem the calculation on pages 155 
and 156, and replacing by a<nd Xp by X^, we find as a con- 
dition for the lower limit — 1* J'or a given vessel and 

composition, neglecting the small variation of Xq with temperature, 
we have 


Po.PiL, = 


const. 




Therefore 


Pe = Po,+Ph, = 


const. 


dlog^ _ 1 dlogv dlogp 

- - - -“2 dT 


Thus, even if ^ were constant, log^?^ would decrease with temperature 
only half as fast as logi^ increases (P^ = upper explosion pressure). 

the reflection factor, will normally decrease as the temperature rises 
owing to the greater rapidity with which chain carriers are destroyed 
in surface reactions. This factor still further diminishes the absolute 
magnitude of the variation ofp^ and, being probably quite an important 
one, may easily reduce the temperature coefficient of the lower explosion 
pressure to the almost zero value observed. 


Some General Characteristics of Chain Reactions, 

The criteria by which a chain reaction may be recognized are as 
follows: (1) in photochemical reactions, an abnormally great quantum 
yield; (2) in thermal reactions, a retardation of the change by a decrease 
in the dimensions of the vessel, allowing a smaller path for chains to 
traverse before reaching the wall; (3) acceleration of the reaction, in 
some circumstances, by the presence of an inert gas — essentially the 
inverse of (2); (4) an abnormal influence of the concentrations of the 
reacting substances on the rate, due to the circumstance that the con- 
centrations affect, not only the number of chains starting in unit time, 

4672 v- 
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but also the successfulness of their propagation; (5) a rate of reaction 
considerably greater than might be expected from a knowledge of the 
heat of activation and the collision number; (6) sensitiveness of the re- 
action to inhibitors; (7) in certain examples, the appearance of the 
remarkable phenomenon of abrupt transitions from negligibly slow 
reaction to explosion. It must be emphasized that all these charac- 
teristics are not necessarily, or even commonly, shown by the same 
reaction, but examples of all are known. 

Which characteristics appear in a given reaction depends upon the 
length of the chain, and upon the manner of its starting and stopping. 
We may tabulate matters as follows: chains may start either (a) in the 
gas phase or (6) at the wall of the vessel. They may be stopped either 
(a) by a collision in the gas phase with chemical destruction of the 
chain carrier or (a') by a collision in the gas phase with "physical’ 
deactivation of an active molecule; (/9) by simple collision of an active 
molecule with the wall of the vessel, or (y) by a chemical reaction at 
the wall of the vessel, removing an active particle. 

Furthermore, chains may be classified as "energy’ chains or "material’ 
chains. In the former, the entities responsible for propagating the chain 
are merely excited molecules of a reactant or product, while in the 
latter some definite new molecular species, active in virtue of its 
chemical unsaturation, e.g. a chlorine atom or a hydroxyl radical, is 
the virtual carrier of the energy. When the deactivation consists in the 
recombination of atoms or radicals, it is easy to understand the effect 
of a vessel wall in breaking chains: it acts as a surface catalyst for the 
recombination procesf?>w 

In most of the exai^les studied the intervention of atoms and 
radicals seems to be definitely proved, and these have been found to 
intervene in many reactions which at one time were not suspected to 
involve chains at all. But precisely in the phenomena of explosion 
limits, where the distinction between a ‘thermal’ explosion and a 
‘branching chain’ explosion is one of degree rather than of kind, the 
idea of energy chains is still not quite superfluous. 

Discussion of Some Special Reactions, 

No attempt can be made within the compass of these pages to give 
a complete account of all the chain reactions which have now been 
investigated. In the following pages, however, a few special examples 
will be discussed, in order to show the principles in a clearer per- 
spective. 
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The Combination of Hydrogen and Oxygen."^ 

This was the first gaseous thermal reaction with a stable and measur- 
able velocity where the part played by chains was proved. t In certain 
regions of concentration explosive chains are also established. The 
principal facts about this remarkable reaction are as follows: 

(1) Below about 520° C. in vessels of porcelain or silica the combina- 
tion of hydrogen and oxygen occurs mainly on the surface of the vessel, 
and is approximately of the first order. J In silica vessels the rate is 
almost directly proportional to the hydrogen concentration and nearly 
independent of the oxygen concentration. It has a low temperature 
coefficient. 

(2) As the temperature is raised from 520° C. to 600° C., and especially 
as the pressure is raised, a high -order gas reaction comes into pro- 
minence. Under some conditions its rate may be nearly i)ropoi*tional 
to the cube of the hydrogen concentration, and to a power of the oxygen 
concentration greater than the first. It is accelerated by steam and 
other chemically indifferent gases, and retarded in an extremely marked 
degree by reduction of the dimensions of the vessel. § The accelerating 
influence of the inert gases is very great, an equal pressure of nitrogen, 
for example, increasing the rate several times. The order of the acce- 
lerating influence for various gases is 

HgO > A > Ng > He. 

Excess of hydrogen or oxygen exerts an influence analogous to that of 
an inert gas, and this effect must be estimated and deducted from the 
total effect before the 'mass action’ of the hydrogen and oxygen can 
be found. 

(3) At relatively low pressures an entirely new phenomenon appears; 
there is an upper and a lower limit of pressure above and below which 
the reaction is quite slow, and between which explosion occurs. || 

(4) The upper limit is displaced in the direction of higher pressures 
by increase of temperature; the lower limit is changed only slightly. 
Argon and certain other gases somewhat lower the partial pressure of 

* Hinshelwood and Williamson, Th^ Reaction between Hydrogen and Oxygen^ Oxford, 
1934; Kassel and Storch, J, Anver. Chem. iS'oc., 1935, 57, 672. 

t Hinshelwood and Thompson, Proc. Roy. Soc., A, 1928, 118, 170. 

t Bone and Wheeler, Phil. Trans., A, 1906, 206, 1 ; Hinshelwood and Thompson, 
loc, cit. ; Garstang and Hinshelwood, ibid.. A, 1931, 130, 640. 

Gibson and Hinshelwood, Proc. Roy. Soc., A, 1928, 119, 591. 

11 Thompson and Hinshelwood, Proc. Roy, Soc., A, 1929, 122, 610; Kopp, Kovalsky, 
Sagulin, and Semenov, Z. physUcal. Chem., B, 1930, 6, 307 ; Hinshelwood and Moelwyn- 
Hughes, Proc. Roy. 8oc.., A, 1932, 138, 311. 



164 


CHAIN REACTIONS 


hydrogen and oxygep at the upper limit. The lower limit is raised by 
decreasing the vessel diameter, and lowered by the presence of inert 
gases. The upper limit is hardly affected by the dimensions and nature 
of the vessel. 

The complete relation between reaction velocity and pressure is 
shown in the figure. 



Fig. 23. 

It is remarkable that in the neighbourhood just to the right of C 
we have a state of affairs where the rate of reaction decreases with 
decreasing pressure, and yet if the pressure be reduced a point will be 
reached at which the mixture explodes; this illustrates the difference 
between the explosive chain and the ‘thermal’ explosion, which at some 
high enough pressure terminates the curve CD, 

(5) H. B. Dixon observed that a trace of nitrogen peroxide lowers 
the temperature of ignition of hydrogen in oxygen by as much as 200°. 
Quantitative investigation of the influence of nitrogen peroxide on the 
rate of combination of hydrogen and oxygen in the region of 400° C., 
where the normal reaction is quite negligibly slow, revealed the exist- 
ence of another remarkable ‘critical limit’ phenomenon.* A sufficiently 
small trace of nitrogen peroxide produces only a slow catalytic reaction; 
as the amount is increased, a rather sharply defined limit is reached 
beyond which almost immediate explosion of the gases occurs when 
they are admitted to the reaction vessel. With still greater amounts 
of nitrogen peroxide a second limit is reached, as sharply defined as 
the first, beyond which explosion no longer occurs, but only a very 
slow combination. 

(6) When crossed streams of hydrogen and oxygen meet in an atmo- 
sphere of nitrogen at partial pressures and temperatures such that the 
low-pressure explosion would occur in a silica or porcelain vessel, no 

* Gibson and Hinshelwood, Trans. Faraday Soc., 1928, 24, 659; Thompaon and 
Hinahelwood, Proc. Roy. Soc., A, 1929, 124, 219; Foord and Norrish, Proc. Roy. Soc., 
A, 1936, 152, 196. 
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flame appears at the regioR of intersection of the streams. If, however, 
a quartz or porcelain rod is brought into this region ignition occurs.* 

(7) According to Alyea and Haber, the ease of ignition, in the low- 
pressure region, of mixtures of hydrogen and oxygen streamed through 
jiarrow porcelain tubes is much greater when the tube has been ‘pre- 
treated’ with oxygen than when it has been ‘pre-treated’ with hydrogen. 

With regard to the interpretation of these facts, (1) requires no 
further comment. 

(2) shows that the gas reaction is a chain reaction in which the chains 
are broken principally at the wall of the vessel. As far as the influence 
of the vessel size on the rate of reaction is concerned, they might also 
start on the wall, since, if they traversed the gas before meeting the 
wall again, the rate would increase with increasing vessel size in the 
manner more or less similar to that actually found. 

Inert gases act by increasing the length of the path which the chains 
must traverse before reaching the wall where they are broken. Evi- 
dently they do not deactivate the active particles which propagate the 
chain. This is an indication that the chain carriers are not excited 
molecules but free atoms or radicals. The conclusion is not, however, 
an absolutely necessary one since energy exchanges are often very 
specific. 

With regard to (3) the most satisfactory hypothesis seems to be that 
already outlined, namely, that of branching chains, which either lead 
to explosion or are prevented from multiplying indefinitely by deactiva- 
tion at the waU or by deactivation in the gas. All the facts are con- 
sistent with the hypothesis that the upper limit is determined by 
deactivation in the gas phase, and the lower limit by deactivation at 
the surface. 

One of the more striking characteristics of the whole phenomenon 
is that the mechanism by which chains are propagated in the explosion 
region at low pressures appears to be largely independent of that by 
which they are propagated at higher pressures. 

(5) win be referred to below. 

(6) is evidence that the chains concerned in the low-pressure process 
start at the wall of the vessel, but gives no reason to doubt that tht^ 
upper limit is chiefly determined by breaking of branching chains in 
the gas phase. 

Taking all the facts into consideration, it appears most probable that 
in the low-pressure region chains are propagated through the gas, but 
♦ Alyea and Haber, Z, physikal, B, 1930, 10, 193. 
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are initiated by centres which in the first instance must be formed 
heterogeneously; at the lower limit surface deactivation plays the im- 
portant part in stopping the chains, at the upper limit gas deactivation. 
In the region of higher pressures chains of a somewhat different kind 
traverse the gas and terminate at the wall. 

(7) would apparently result from adsorption hysteresis which in- 
fluences the heterogeneous production of the centres from which the 
chains start; it appears, however, that the effect is not a very pro- 
nounced one. 

With regard to the chemical processes occurring in the chains in the 
low-pressure region, Thompson and Hinshelwood proposed the branch- 
ing chain hypothesis, and supposed primary formation of hydrogen 
peroxide, which reacted with hydrogen to give two excited molecules 
of steam, and thereby initiated energy chains. Nitrogen peroxide was 
assumed also to initiate chains at lower concentrations, and, at higher 
concentrations, to break them. 

The free radical hypothesis was introduced by Haber and his col- 
laborators* who regarded the chains as starting by the process 
H 2 +O 2 = 20H, followed by OH+Hg = H20-f H. They based this 
theory upon the existence of the OH bands in the emission spectrum 
of hydrogen-oxygen flames, and in the absorption spectrum of steam 
at 1,200° C.; and upon thermochemical data which show the reactions 
in question to be possible ones. 

Frankenburger and his collaborators,! studying the reaction between 
hydrogen and oxygen under the influence of photochemically produced 
hydrogen atoms, made a number of important observations consistent 
with the Haber reaction scheme. In this connexion it should also be 
mentioned that Haber and others^ find that hydrogen atoms, photo- 
chemically produced from ammonia, can cause the ignition of hydrogen- 
oxygen mixtures. 

The chain-starting action of nitrogen peroxide can be attributed to 
the free oxygen atom which might be produced by its dissociation. 
From rather striking analogies between the thermal and the photo- 
chemical behaviour of the Hg : Og : NOg system Norrish§ concluded 
that the nitrogen peroxide really does act in virtue of the atomic oxygen 
it liberates, in the thermal as well as in the photochemical reaction. 
Lewis and von Elbe prefer to regard the active agent as NO3. Since 

* Bonhoefler and Haber, Z. phyaikal, Chem., 1928, 137, 263. 

t Trans. Faraday Soc., 1931, 27, 431. 

t Farkas, Haber, and Harteck, Z. Elektrochem.f 1930, 36, 711. 

§ Griffiths and Noirish, Proc. Roy. Soc., A, 1933, 139, 147. 
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the latter is an oxygen atom with NOg as a ‘carrier’, only detailed 
analysis can decide between these views and other similar ones. 

Dixon found a remarkable influence of iodine on t^e ignition tem- 
perature of hydrogen in oxygen. This led to an investigation of the 
effect of halogens on the various chain mechanisms.* Chlorine, bro- 
mine, and iodine accelerate the surface reaction occurring at the lower 
temperatures and pressures, but exert a powerful retarding action on 
the gaseous reaction occurring at higher temperatures and pressures. 
They displace the upper critical limit of the explosion region in the 
direction of lower pressures, and, in greater amounts, prevent the ex- 
plosion altogether. Iodine is the most effective. A fraction of a milli- 
metre of iodine can cause a retardation of many times, and very small 
traces are enough to exert the maximum possible ‘negatively catalytic ’ 
influence. The mechanism of the negative catalysis probably depends 
upon processes such as the following: (a) OH~f HI ™ HgO-fl and 
(h) H+Ig — Hl-fl. The iodine can be rapidly regenerated at these 
temperatures by the reaction 2HI = Hg-f I 2 . 

The most plausible radical-chain mechanism for the reaction seems 
at the present time to be the following, which has grown u]) from the 
successive suggestions and emendations of a series of investigators: 

(1) Hg 2H 

(2) H+Og - OH+0 

(3) O+Hg = OH-f H 

(4) if+H-f Og - Jf+HOg 

(5) HOg ~ inactive products at the wall 

(6) HOg-f Hg == HgO+OH. 

(1) is assumed as the most probable starting-point, the heat of dis- 
sociation of hydrogen being lower than that of oxygen. (2) and (3) are 
assumed on grounds of simplicity, energetic admissibility, and because 
processes giving branching chains are needed. In the region of lowest 
pressures diffusion to the wall balances branching. Then comes the 
low-pressure explosion region terminated by an upper limit, at which 
the ternary collision process (4), occurring in the gas phase, balances the 
branching. M is any molecule present. (5) and (6) require comment. 
We must account for the fact that above the upper limit there are 
still chains and that these are almost certainly broken at the wall. 
Yet, if possible, we prefer not to assume two kinds of chain of quite 

Hinsholwood and Garstang, Z. physikal, Chem.t Bodent*tein-Festband, 1031, 6r)(». 
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independent origin. .Therefore (4) is supposed to stop the branching 
chain, leaving, however, HOg which is still capable of giving the non^ 
branched chain (6), though only efficiently enough for its contribution 
to the reaction rate to become considerable at higher pressures, 
where (6) is favoured in competition with the diffusion of the HOg to 
the wall. 

Quantitative working out of these equations gives results in general 
agreement with experiment, but the comparison is really very com- 
plicated since all the gases present not only affect the diffusion of the 
various chain carriers to the wall, but also modify the adsorbed gas 
films: these in their turn influence the formation and removal of atoms 
and radicals which may contribute to the reaction.* 

At the higher pressures, where the rate becomes great and thermal 
explosion becomes imminent, energy chains may play their part also. 

In spite of aU uncertainties, the foregoing summary will at least have 
shown that nearly all the characteristic phenomena arising from the 
existence of chain mechanisms are exemplified by what is, from a 
purely chemical point of view, one of the most fundamental of all 
reactions. 

The Oxidaiio7i of Hydrocarbons. 

Much of the early work on the pure chemistry of hydrocarbon com- 
bustion is due to Bone,f who discovered the course of the reactions 
through a series of hydroxylated products. In the oxidation of ethylene, 
for example, the varied relationships between the possible products 
can be adequately explained if the following series of changes is 
assumed: 

CHg H.C.OH H.C.OH 

II -> II II -^HCHO-^H.COOH-^HgCOa 

CH2 H.C.H H.C.OH I I 

i 1 J 

CO+H2 CO+HgO CO2+H2O 

The rates of oxidation and decomposition of a given intermediate 
product vary relatively to one another according to circumstances. 

We are here concerned chiefly with the purely kinetic aspect of the 
problem. A number of investigations have been devoted to the kinetics 
of the oxidation of hydrocarbons and their simple derivatives, including 

* For discussion of surfeice adsorption effects generally see Trans. Faraday Soc., 1932, 
28, 184. 

t See Summary, Proc. Roy. Soc., A, 1932, 137, 243. 
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ethylene,* * * § benzene, f acetylene, J methane, § methyl alcohol, § form- 
aldehyde,§|| benzaldehyde,|| and ethane.** Usually the rate is decreased 
by diminution in the diameter of the containing vessel, though to 
varying degrees depending upon the relative extents to which the chains 
are broken in the gas or at the wall. There is often a more or less 
well-defined ‘induction period’ during which peroxides or aldehydic 
substances are produced. But the most remarkable characteristic is 
perhaps the influence of the various concentrations on the rate of 
oxidation. In most cases the influence of oxygen is relatively small, 
and in certain circumstances oxygen may actually retard the oxidation. 
On the other hand, the rates increase rapidly with the concentration 
of the combustible gas, sometimes approximately as the cube of its 
concentration. 

This suggests that intermediate oxygenated products (peroxides or 
aldehydic substances) occur, and that the chains are continued when 
these collide with fresh molecules of the combustible gas but are broken 
when they collide with oxygen. The exact chemical constitution of the 
substances responsible for setting up the chains is at present an open 
question . 

Approximate quantitative theories of the processes have been sug- 
gested for special cases. ff 

With hydrocarbons, on the whole it may be said that the various 
‘explosion limit’ phenomena are more of the ‘thermal’ than of the 
‘branching chain’ type, though doubtless an absolute distinction should 
not be made. 

The Oxidation of Carbon Monoxide, 

The earlier investigations of Dixon arid others on the {rropagation 
of flame and explosion waves in mixtures of carbon monoxide and 
oxygen showed the important part which water can play in this reac- 
tion. The presence of water is not, however, essential for chemical 

* Thompson and Hinshelwood, Proc. Ray. Soc,^ A, 1929, 125 , 211; Lenher, J. A^ncr, 
Chcm. Soc„ 1931, 53, 3737. 

t Fort and Hinshelwood, Proc, Roy. Soc.y A, 1930, 127, 218. 

X Kistiakowsky and Lenher, J. Amcr. Chcm. Soc.^ 1930, 52 , 3785; Spence, J. Chcm. 
Soc„ 1932, 686. 

§ Fort and Hinshelwood, Proc. Roy. Soc., A, 1930, 129 , 284; and, for methane, 
Norrishand Foord, ibid.. A, 1936, 157 , 603; Bone and Gardner, ibid., A, 1936, 154 , 297 ; 
Garner and Ham, ibid.. A, 1939, 170 , 80. 

li Askey, J. Amer. Chcm. Soc., 1930, 52, 974. 

** Bone and Hill, Proc. Roy. Soc., A, 1930, 129, 434. 

ft Bodenstein, Z. phyHkal. Chem., B, 1931, 12 , 151; Norrish and Foord, loc. cit. 

jj See Bone and Townend, Flame and Combustion in Oases, 1927. 

4672 Z 
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change. The dry gases will combine quite well, but if water is present 
the indirect oxidation by steam occurs so much more readily than the 
direct reaction that it naturally accounts for practically all the change. 
Weston* showed that when dry carbon monoxide and oxygen are 
sparked at high pressures, explosion occurs and the spectrum emitted 
differs in certain respects from that of the flame of moist carbon mon- 
oxide. Further, Garner! has shown that there is an abrupt change in 
the nature of the radiation emitted by a carbon monoxide flame when 
a small amount of hydrogen is added. Both these observations indicate 
that there are two distinct mechanisms, one for the combustion of the 
dry gases and one for that of the wet gases. 

With regard to the non-explosive oxidation, Bodenstein and Ohlmer 
found a slow surface reaction in quartz vessels. It has not yet been 
possible to find conditions suitable for measuring the non-explosive 
homogeneous reaction of the dry gases, though such measurements 
should be possible at fairly high temperatures and rather high pressures. 

Above about 600"^ C. the dry gases explode between two limiting 
pressures, the general nature of their behaviour resembling that of 
hydrogen and oxygen.! The lower limit seems to be controlled by the 
breaking of chains at the vessel wall, the upper limit by gas deactiva- 
tion. The chains appear to originate from centres on the wall of the 
vessel. Outside the limits the rate of the reaction is even slower than 
Avith hydrogen and oxygen: in particular, there is no sign of the rapid 
gas reaction which, with the latter gases, becomes prominent at pres- 
sures not very far above the upper limit. If the theory of branching 
chains is accepted in explanation of the explosive reaction, something 
like the following cycle of changes would be possible : 

(1) CO+0, - CO^+O 

(2) o-f CO+O2 - CO2+2O 

(3) 0+CO+CO = CO 2 + CO 

(4) 0+0+inert gas = Og 

(5) O-fCO+inert gas = CO 2 

(6) O+CO = COg. 

(1) is the primary surface process, (2) provides for the branched 
chains, (3), (4), and (5) interrupt the chains in the gas, and (6) breaks 

^ See Bone and Townend, Flame and Combustion in Oases ^ 1927. 

f Gamer and others, J, Chem» Soc., 1929, 1123; 1930, 2037; 1931, 641. 

j Kopp, Kovalsky, Sagulin, and Semenov, Z. physikaL Chem., B, 1930, 6, 307; 
Topley, Nature, 1930, 125 , 660; Hadman, Thompson, and Hinshelwood, Proc. Roy, Soc., 
A, 1932, 138 , 297; Cosslett and Gamer, Trans, Faraday Soc., 1931, 27 , 176; Buckler 
and Norrish, Proc. Roy. Soc., A, 1938, 167 , 292, 318. 
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them at the wall. (6) determines the lower limit. The upper limit is 
probably determined by the removal of oxygen atoms in the gas by 
recombination or otherwise. 

The kinetics of the indirect oxidation in presence of steam are 
interesting. They are absolutely different from those of the reaction 
between the dried gases, not merely as regards rate, but in the quali- 
tative relations between rate and concentration. 

The ‘wet’ reaction proceeds by a chain mechanism. The rate* is 
approximately proportional to the concentrations of water and of car- 
bon monoxide, and, in sharp contrast with the dry reaction, inversely 
proportional to the concentration of oxygen. That the reaction involves 
chains, which are broken at the surface of the vessel, is shown by the 
influence of the vessel diameter. The rate is roughly proportional to 
the square of the diameter. 

The facts can be adequately explained by assuming that there are 
reaction chains more or less analogous to those occurring in the com- 
bination of hydrogen and oxygen, but now including carbon monoxide 
as a link. 

For example, OH+CO = CO^+H 

H+O2+CO = CO2+OH, 

or something analogous. 

The retarding action of oxygen is due to the breaking of the chains 
by some oxidation process, such as the removal of hydrogen atoms. 
This can be shown by studying the influence of iodine, which is a very 
effective chain breaker. In presence of iodine the inhibiting action of 
oxygen disappears, although the primary process must still be going 
on. The chain-length has been estimated to be of the order 10®. 

A Further Consideration of Explosion Limits. 

The existence of sharp transitions from slow reaction to explosion 
is a remarkable phenomenon and can be adequately explained by the 
theory of branching chains. But it is possible that the explanation of 
these transitions is not the same in every example, and it may be useful 
to consider here, not only the chain mechanism, but other ways in 
which discontinuities in the curve connecting reaction velocity and 
concentration can arise or be simulated. 

An explanation which made the surface of the vessel play the all- 
important part in determining the explosive limits was suggested by 

* Proc. Roy. Soc.. A, 1932, 137 , 87. 
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Gibson and Hinshelwood* in connexion with the combination of hydro- 
gen and oxygen in presence of small quantities of nitrogen peroxide. 
The hypothesis was that there occurred a surface reaction involving 
the nitrogen peroxide, and that the rate of this reaction first increased 
and then decreased again as the concentration of the peroxide increased 
— a well-known type of heterogeneous reaction. If now on certain 
active points of the surface this hypothetical reaction attains a great 
enough velocity, it may generate heat rapidly enough to cause inflam- 
mation of the gas as a whole. Since the velocity passes through a 
maximum, tliere will be a concentration on either side of that corre- 
sponding to the maximum where the reaction velocity on the active 
])oints has fallen off too much to allow ignition to occur. These con- 
centrations will correspond to the explosion limits. Since the intense 
local reaction which may cause the ignition is confined to certain active 
points on the surface, its consumption of the reacting gases need not 
be large, and if it does not succeed in acting as a sort of detonator to 
the gas as a whole, it may be almost insignificant. Hence the apparent 
discontinuity in the reaction rate as the limits are passed. 

Later, this explanation of the nitrogen peroxide-hydrogen-oxygen 
reaction was dropped in favour of the theory of branching chains. 

Alyeaf called attention to another way in which the existence of an 
upper explosion limit can be conditioned. He suggested that in mix- 
tures of hydrogen and oxygen above the upper limit a layer of hydrogen 
covers the wall of the vessel, ‘poisoning’ it and preventing the departure 
from it of chains which would branch in the gas phase and give rise 
to explosion. As the pressure is reduced, a point is reached at which 
this hydrogen film is discontinuously stripped from the wall (by the 
attack of the oxygen). From the free wall chains now proceed into 
the gas and explosion occurs. 

This mechanism is a possible one in principle, though there appear 
to be quite insuperable objections to its application in the particular 
example. Investigation of the kinetics of the surface reaction itself 
fails to reveal the presence of the complete hydrogen film; it is very 
improbable that such a film would be stripped off a silica surface and 
off a porcelain surface at the same pressu^ and, finally, the fact that 
excess of either hydrogen or oxygen can stop the explosion for any 
given partial pressure of the other gas proves that the limit is deter- 
mined by deactivation in the gas phase. 

♦ Trans. Faraday Soc., 1928, 24, 559. 

t Alyt-a, J, Amer. Chetn. Soc., 1931, 53, 1324. 
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Another kind of mechanism was tentatively suggested by Hadow 
and Hinshelwood* to explain a lower limit of explosion in mixtures 
of oxygen and cyanogen. If there is a finite rate of adsorption of the 
different gases admitted to the reaction vessel, and if two of the gases 
compete for possession of the surface, then the relative amounts of the 
two which are adsorbed immediately after admission to the vessel may 
be different from the relative amounts adsorbed a fraction of a second 
later, when equilibrium has been established. This is because the more 
rapidly adsorbed gas may momentarily take possession of a larger 
proportion of the surface than corresponds to its share. The rate of 
reaction between the two gases may at the first moment, therefore, be 
very different from the rate an instant later: in particular, it may 
be very much greater. This abnormal initial rate will not in general be 
perceptible, because it decays very rapidly, and may be succeeded in 
an immeasurably short time by a quite slow rate corresponding to the 
true adsorption equilibrium. If, however, this momentary rate becomes 
rapid enough to inflame the gas as a whole, then obviously there is no 
question of adjustment to the normal slow value. Thus there will be 
the appearance of a discontinuous passage from quite slow reaction 
to explosion, although there was really no discontinuity in the process 
actually responsible for the ignition. There is evidence that something 
of this kind may actually occur in the oxidation of cyanogen, but no 
other example is known in which the mechanism can plausibly be sup- 
posed to operate. 

The 'Thermal ’ Interpretation of Explosion Limit Phenomena’\ 

There is clearly enough a distinction in degree between thermal explo- 
sions and those due to branching chains. In the former, the reaction 
velocity is observed to increase steadily as the pressure approaches an 
ill-defined explosion limit, where the heat produced can no longer be 
conducted away rapidly enough. In the latter, there is the appearance 
of a discontinuous change at the point where the chains begin to branch 
effectively: the reaction velocity passes from almost zero to an explo- 
sively great value. The mechanisms discussed in the previous section 
really depend upon thermal explosions, and the appearance of a dis- 
continuity in the reaction velocity-concentration curve is illusory. J It 

* Hadow and Hinshelwood, Proc, Ray. Soc., A, 1931, 132 , 375. 

t Cf. Norrish, ll.cc, supra. 

t Even in the branching chain theory the discontinuity is not i^lly in the velocity- 
concentration curve: it is determined by the fact that at a certain point dvjdt acquires 
a positive value. 
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is caused by the fact that the explosion is conditioned by processes 
which are independent of the normal slow reaction, and which obtrude 
themselves at a point not determined by the ordinary reaction velocity 
in the system as a whole. 

This raises the question whether all the explosion phenomena which 
we have discussed in terms of the chain theory could not just as con- 
veniently be described in terms of a purely thermal theory involving 
active points on surfaces, local non -isothermal conditions, the thermal 
conductivity of the various gas mixtures, and so on. Such a theory 
could probably be constructed but would necessitate the making of 
many specialized assumptions. For example, in several reactions we 
should have to endow the active points responsible for the ignition 
with properties not even qualitatively similar to those of the average 
surface. The chain theory does not necessitate these arbitrary assump- 
tions to nearly the same extent. 

Perhaps the advantage of the chain theory is most clearly seen in 
the treatment of the influence of inert gases on the lower explosion 
limit. It could hardly be supposed that the presence of a foreign, non- 
reacting gas could do other than facilitate the conduction of heat away 
from active points and assist in the maintenance of isothermal condi- 
tions, Yet the presence of the foreign gas does not diminish but 
increases the ease of explosion. The plain meaning of this seems to be 
that its action consists, not in aiding the dissipation of heat, but in 
impeding the diffusion of particles. Once we agree to this last state- 
ment, we have virtually adopted the chain theory. 

Initiation and Propagation of Reaction Chains, Metastable States, 

When an explosion is caused by the branching of reaction chains, 
the pressure limits between which it is possible are practically indepen- 
dent of the number of original centres. The condition for explosion is 
that such chains as do start should increase and multiply effectively 
rather than fizzle out as they traverse the gas. Since, as soon as this 
condition is satisfied, the rate of growth is very rapid indeed, the 
number of original centres is unimportant. 

Naturally, however, in the extreme case, if' no chains start at all, 
there can be no explosion even though the conditions for branching 
are favourable. 

Now the initiation and the propagation of chains are quite distinct 
processes. Sometimes, for example, the chains start at the vessel wall 
and then traverse the gas. If the centres on the wall are ^poisoned’ 
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in any way no chains will start. The system will then be in what may 
be called a metastable state. As soon as a few chains do start, however, 
the explosion will occur, and the limits between which it is possible will 
be the normal ones. There is here a rough analogy with the phenomenon 
of change of state. For the solidification of a liquid two conditions are 
necessary ; first, that there should be nuclei of solid, and secondly, that 
the temperature and pressure should be such as to allow these nuclei 
to grow rather than to redissolve. The two sets of conditions are 
independent. In the same way in a chain reaction, two independent 
sets of conditions must be fulfilled, centres must be present from which 
chains can start, and the concentrations must be such that these chains 
can multiply. For example, the low-pressure explosion of carbon 
monoxide-oxygen mixtures often fails to occur at all (because the wall 
from which the chains start becomes poisoned with adsorbed carbon 
monoxide), but, as long as this complete failure does not occur, the 
upper limit, at which propagation ceases to be possible, is always found 
at the same pressure for the same temperature and composition. 

Completeness of Reaction in Chain Explosions. 

As soon as the chains begin to branch to any great extent the con- 
centration of the reaction product rises and this modifies the conditions 
of propagation. In particular, the effect may be an adverse one, in 
which case we may have an incipient flame almost immediately 
quenched. For example, under certain conditions a feeble flame will 
traverse a carbon monoxide-oxygen mixture and consume only a small 
j)roportion of the total gas. It lacks self-propagating power. Similarly, 
a mixture of phosphine and oxygen may be compressed till explosion 
occurs: further compression may result in a second flash showing that 
the first explosion had not been complete. Mixtures of hydrogen sul- 
phide and oxygen will even show a series of explosions occurring spon- 
taneously and separated by short intervals* (during which processes of 
some kind are taking place making chain branching once more possible). 

Induction Periods. 

Many reactions, having the characteristics of chain reactions, show 
‘induction periods’, during which the rate of change is apparently 
almost zero, and at the end of which measurable reaction or explosion 
sets in. 

It is always necessary to ascertain that the induction period is not 
* Thompson, Nature, 1931, 127, 620. 
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merely an apparent one, by which something of the following kind is 
meant. Suppose we are following the course of a gas reaction by 
observations of pressure changes: if the first stage of the reaction hap- 
pened to involve no change in the total number of molecules, while 
the subsequent stages did, then there would be an apparent induction 
period, but its significance kinetically would not be great. 

Formally, various explanations of a true induction period are pos- 
sible. Two examples may be mentioned. 

If there are heterogeneous centres from which branching chains can 
proceed, but these centres are initially poisoned, and if by the chemical 
action of one of the substances introduced they are slowly ‘cleaned’, 
there will come a point when they can begin to function, and explosion 
may then ensue. 

But the classical explanation of induction periods, dating from van ’t 
Hoff, connects them with autocatalysis, whether by the final product 
of reaction or by some intermediate product. First, to take a rather 
artificial example, suppose nitrogen peroxide were slowly generated in 
a system containing hydrogen and oxygen: nothing much would be 
observed till the critical lower concentration of nitrogen peroxide was 
readied, and then an explosion would occur. An effect of this kind 
does actually take place when phosphine and oxygen are exposed to 
ultra-violet light, the catalytic substance in this case being formed from 
the phosphine itself. 

According to Semenov* the induction period may be due to the 
actual time required for branching chains to develop. Ordinarily, since 
the chain carriers are very reactive, the complete cycle of the chain 
is over very rapidly indeed, and the complete development from the 
initiation of the chains to explosion occupies an immeasurably short 
time. Sometimes, however, one of the links may involve a com- 
paratively stable product, capable nevertheless of continuing the chain. 
Thus a slow development occurs. Semenov also argues that the slow 
dcveloj)ment of branching chains may explain the induction period 
even in cases where no explosion finally results: the reaction velocity 
grows considerably, but before it becomes high enough to pass into 
true explosion, the influence of the reaction products prevents further 
branching. He thinks that reactions like the oxidation of hydrocarbons 
may be of this type, which he calls a ‘degenerate explosion’. In view 
of the known chemical complexity of the various stages of some of these 
reactions, however, it seems difficult to deny that simple autocatalysis, 
* Z. phyeikal, Chern., B, 1931, 11. 464. 
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without the supplementary hypothesis of Semenov, may be a sufficient 
explanation. 

The conception of some slow reactions as ‘degenerate explosions’ 
may, however, be a very useful one. For example, Oibson and Hinshel- 
wood found two explosion limits for nitrogen peroxide-hydrogen-oxygen 
mixtures. Later, Norrish found, with a different experimental tech- 
nique, two limits in the identical positions, outside which little hap- 
pened, and inside which there occurred, not explosion, but rapid 
reaction’. Norrish ’s ‘rapid reaction’ would correspond to the ‘degene- 
rate explosion’ of Semenov, or the ‘slow flame’ of Hadman, Thompson, 
and Hinshelwood.’" 

* Proc. Roy, Soc.^ A, 1932, 138, 297. 
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THE KINETICS OP HETEROGENEOUS REACTIONS 


The Adsorption Theory, 

The molecules of a gas are not, except perhaps in very special instances, 
brought into a chemically active condition by mere mechanical impact 
with the solid surface. The highly specific action of different surfaces, 
illustrated, for example, by the hundreds of examples quoted in Saba- 
tier’s work La Catalyse en Chirnie Organique* at once rules out so 
simple an hypothesis. 

Intermediate compound formation between the molecules of the gas 
and those of the catalysing surface is not always a very helpful 
hypothesis. 

All the advantages of the intermediate compound theory without 
most of the disadvantages are, however, possessed by what may be 
called the chemical adsorption theory. 

Faraday went to the root of the matter and stated at the outset 
that the films of gas known to be adsorbed by surfaces were the seat 
of the chemical changes. This idea has long been used in the inter- 
pretation of catalytic phenomena, and, without further specific assump- 
tions about the nature of the films, has been accepted for many years. 

The simplest supposition to make is that the increased concentration 
in the condensed film brings about increased velocity of reaction in 
virtue of a purely mass action effect. This theory, however, has been 
shown in many ways to be untenable. The clearest proof of its inade- 
quacy is afforded by the study of those reactions in which the same 
substance can undergo transformation in alternative ways. Thus 
alcohol vapour can suffer decomposition into ethylene and water or 
into aldehyde and hydrogen according to the equationsf 


CAOH<( 


C,H,+H,0 

CH3CHO+H2. 


(i) 

(ii) 


Different surfaces accelerate the alternative reactions to quite different 
degrees. For example, copper at 300° C. causes the decomposition of 
alcohol into aldehyde and hydrogen, while alumina at the same tem- 
perature favours the rival reaction almost entirely. 

Although different increases in the concentration of the alcohol 
vapour are doubtless produced at the different surfaces, these increases. 


♦ Second edition. (Paris and Li^ge, 1920.) t Sabatier, loo. cit. 
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in so far as they have a simple mass action effect, should operate to 
exactly the same extent in respect of the alternative reactions, because 
the rate of each is directly proportional to the concentration of alcohol. 
Different catalysts would be expected to produce different changes in 
the total rate of transformation of the reactant, but to be witho\it 
effect on the relative amoimts of the products. 

Additional examples of such alternative reactions where the relative 
rates are influenced by the nature of the surface are the following: 


H.COOH<^ 


HjO+CO 
H2 + CO2* 


and 


2CH3C00C,H6<^ 


(CH3)3C0 + 2C3H4+ CO3 + H3O 

(CH3)3C0+C3H4+C3H30H+C03-t 


Surfaces must therefore be supposed to have some specific influence 
on the stability of molecules adsorbed upon them. That these specific 
influences, of the kind usually called ‘chemicar, play an all-important 
part has long been recognized, and has often been expressed by the 
assumption of ‘complex’ formation. J 

Langmuir§ put forward an extremely definite form of this idea. The 
adsorbed molecules are supposed to be held to the surface by ordinary 
Valency forces’. Thus the kind of union between tungsten and oxygen 
adsorbed on its surface, to take one of Langmuir’s examples, differs 
in no essential way from that which exists in tungsten oxide. The only 
difference between adsorption and oxide formation is that in adsorption 
the atoms of the metal, though attached to oxygen, remain also firmly 
held to their neighbours, whilst in oxide formation these linkages 
between the tungsten atoms themselves are completely dissolved. 

The ‘nickel-hydrogen complexes’ responsible for catalytic hydro- 
genation differ only from nickel hydrides in that the affinity of the 
hydrogen for the nickel is not sufficient to overcome the forces holding 
the nickel atoms in the space lattice of the solid. Carbon monoxide 
being able, on the other hand, to detach the nickel atoms from their 
places, a definite carbonyl results. With platinum neither hydrogen 
nor carbon monoxide can loosen the atoms from their lattice, but the 
films which are formed are nevertheless held by the linkages charac- 


* Sabatier and Mailhe, Compt. Bend., 1911, 152, 1212. 
t Sabatier, loc. cit., supra, 

t Compare Armstrong and Hilditch, Proc. Boy. Soc., A, 1922, 100, 240. 
§ J. Amer. Chem, Soc., 1916, 38, 2221, 
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teristic of hydrides and carbonyls respectively. When other examples 
are reviewed, such as the adsorption of ammonia by silica, or carbon 
monoxide by the silicates in glass, less conviction may be felt about 
the conectness of this point of view, but the vast literature relating 
to coordination compounds shows how varied the possible types of 
linkage are. 

If adsorption really takes place in this way, the surface should 
become saturated as soon as it is covered with a single layer of mole- 
cules of the adsorbed gas; only in exceptional instances will the forma- 
tion of a second layer be possible. 

The unimolecular nature of the adsorbed layer was emphasized by 
Langmuir, and has been regarded as an essential part of the theory. 
The alternative view is that the adsorption film is ‘atmospheric’ in 
character with a high density of gas in immediate contact with the 
surface, thinning continuously with increasing distance until the normal 
density of the gas phase is reached. 

The whole trend of modern researches into the chemistry of interfaces 
has been in the direction of showing that molecules at the boundary 
of two phases have a definite orientation. Thin layers of the higher 
fatty acids upon water, for example, turn their carboxyl groups into 
the water and stand erect with methyl groups directed outwards. The 
orientation and properties of such boundary layers are largely governed 
by the presence of ‘polar’ groups, or groups which are the seat of a 
certain chemical unsaturation. Groups such as the hydroxyl or carbonyl 
radical are typical polar groups. 

Molecules in adsorbed layers have also a definite orientation. If a 
complete layer is formed over a surface, with those groups possessing 
the greatest attraction for the surface turned inward, we have virtually 
a new surface with properties determined by the nature of the groups 
which are directed outwards. There seems to be no very good reason 
why this, in certain cases, should not adsorb a second layer of mole- 
cules. Indeed, the assumption that this double-layer adsorption occurs 
has occasionally been found helpful. But there is a large difference 
between this extension of the single-layer theory and the ‘atmospheric’ 
theory. 

The theory of the unimolecular layer has two supports. First, it is 
a natural consequence of the view that definite chemical linkages unite 
adsorbed molecules to surfaces, for then saturation is obviously reached 
when the single layer is complete. Secondly, a good deal of direct 
experimental evidence has been brought forward in its favour. The 
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general theoretical argument must be acknowledged to be strong, and 
the result not only to be free from the vagueness of the alternative 
suppositions but also to be an excellent compromise between the inter- 
mediate compoimd theory and the theory of a purely ‘physical’ ad- 
sorption. 

Langmuir*** made measurements on the amounts of gas adsorbed at 
very low pressures by means of direct readings with a McLeod gauge, 
and came to the conclusion that saturation was reached with the com- 
pletion of a unimolecular layer. 

Carverf measured the amount of toluene vapour adsorbed by glass 
and arrived at the same conclusion. 

For more recent work on adsorption at low pressures the detailed 
studies of J. K. Roberts^ should be consulted. 

Measurements are sometimes difficult to interpret with certainty, 
since the true area of the adsorbing surface, which determines the 
number of molecules of the adsorbent actually exposed to the gas, is 
represented at best roughly by the apparent area, and often bears no 
relation to it. This is especially marked in the case of non-crystalline 
materials such as glass. 

Perhaps the most convincing series of measurements are those of 
Paneth and Vorwerk,§ made, however, with solutions. The true mole- 
cular surface of a specimen of lead sulphate powder was determined 
by the radioactive indicator method, and this powder was then used 
as an adsorbent for dye-stuffs. The amount of dye removed from 
solution by the powder was determined colorimetricalJy. The results 
obtained by this method supported the theory of the single layer very 
well. 

Although this theory must contain a great deal of truth, it is probably 
to be regarded as an ideal limiting case. The possibility of the following 
complications must always be borne in mind. 

(i) Actual penetration of the gas into the solid may sometimes occur. 

This process may be a slow one compared with the simple surface 
adsorption,l| even where solution equilibrium takes years to reach, 
there is always the possibility that penetration to the depth of a few 
molecular layers of the solid takes place within quite a short time. 
Palladium, platinum, iron, and silica all become definitely permeable 
to hydrogen at high temperatures. 

* J, Amer. Chem, Soc., 1918, 40, 1361. t » 1923, 45, 63. 

t Inter alia, Proc. Roy, Soc., A, 1936, 152, 446. 

§ Z. phyaikal. Chem., 1922, 101, 446, 480. 

II Cf. Bangham and Burt, Proc. Roy. Soc., A, 1924, 105, 481. 
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(ii) The adsorbing surface may not be homogeneous. 

In non-crystalline substances like glass or vitreous silica the greatest 
variety of surface configuration is possible, including sponge-like struc- 
tures with pores of different magnitudes. But even with metals and 
other crystalline solids the surface may be very far from possessing the 
uniform ‘chequer-board ’-like structure, to use Langmuir’s phrase, of 
the ideal solid. The researches of BeiJby, described in his book, The 
Aggregation and Flow of Solids * showed that the greatest complexities 
of surface structure may arise in metals. Surface films of a granular 
nature are often formed, and this irregularity may weU descend to units 
of molecular magnitude. 

H. S. Taylort has laid great stress on this inhomogeneity of catalytic 
surfaces. He suggests that the atoms constituting a metallic surface 
can exist in different degrees of saturation, varying from that which 
would be characteristic of a perfect plane crystal face down to that of 
a single atom attached at one point only. This would lead one to 
suppose that adsorption occurs not uniformly over the surface but 
predominantly on certain ‘active points’ of the surface. We shall have 
evidence in favour of this view in a later section. 

(iii) Different kinds of adsorption have sometimes been distin- 
guished. J 

The distinction is not very sharp, but is made on the following 
grounds. Adsorption of gases by inert materials, such as charcoal, seems 
to be roughly ])roportional to the ease with which the gas can be 
liquefied. This suggests a condensation of a physical kind on the ad- 
sorbent, possibly by liquefaction in its pores. On the other hand, the 
adsorption of gases by metals, such as platinum, nickel, and iron, is 
highly specific. J^ot even approximate parallelism with condensability 
is to be observed. If this distinction between the two kinds of adsorp- 
tion is justified, which seems a little doubtful, it is the second kind — 
the so-called primary adsorption — which is evidently responsible for 
catalytic phenomena. § 

Our immediate object, however, is to discuss the kinetics of catalytic 
reactions, and for this purpose an exact knowledge of the mechanism 
of adsorption is not absolutely essential. All that is required is a know- 

Macmillan, 1921. f Proc» Roy. Soc., A, 1925, 108, 106. 

J Cf. Benton, J. Amer. Chem. Soc.^ 1923, 45, 887 

§ For a discussion of the forces involved in adsorption see Faraday Society, ‘Adsorp- 
tion of Gases by Solids’, 1932 {passim). For ‘activated adsorption’ see page 209. For 
an interesting study of discontinuities in adsorption isotherms see a series of papers by 
Allmand and Chaplin and Allrnand and Burrage in Proc. Roy, Soc., 1930-2, 
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ledge of the relation between the amount of gas adsorbed on the solid 
and the pressure of the gas in the homogeneous phase. To obtain the 
equation expressing this relationship it is not necessary to make hypo- 
theses concerning the nature of the forces acting, nor is it essential to 
have pronounced definitely upon the question of unimolecular or multi- 
molecular layers, lior, for many purposes, to have decided whether the 
surface of the catalyst displays a homogeneous array of atoms or 
the highly complex structure with active points which Taylor believes 
to be probable. 

It is, on the other hand, necessary to adopt one or other of the really 
fundamental alternatives, namely, whether there is a definite saturation 
limit to adsorption, or whether the adsorption goes on increasing in- 
definitely with increasing concentration in the gaseous phase. The 
simplest form of the first alternative is the unimolecular layer theory, 
the simplest form of the second the atmospheric theory. It might be 
thought that an experimental decision between these two possibilities 
could be made quite easily. The matter is, however, not quite simple, 
since slow solution effects and other compUcations are often superposed 
on the true adsorption when the concentrations in the gas phase are 
high, and these make it very difficult to decide quite certainly whether 
or not a true saturation limit exists. On the whole, however, it seems 
to be quite clear that, apart from complicating factors, there is a real 
and definite limit, as the unimolecular layer theory would lead one to 
expect. 

The theoretical treatment of the ‘atmospheric’ theory is very diffi- 
cult, and an empirical equation has to be used for the relation between 
the amount of gas adsorbed and the pressure. 

If X be the amount of gas adsorbed on the surface of the solid when 
the pressure is jp, then ^ 

where is a fraction always less than unity and a is a constant. 

This is the weU-known Freundlich ‘adsorption-isotherm’.* Both a 
and n are functions of temperature. 

The value of is frequently sufficiently small to make the curve bend 
round sharply from linearity. Both a and n must be found empirically 
from the experimental observations. 

Fig. 24 shows the sort of curve which represeuts the usual adsorp- 
tion isotherm. 

Curve 1 is represented by a; = where n is less than 1. There 

♦ See Freundlich, KapiUarehemie ; Adam, Physics and Chemistry of Surfaces, 1938. 
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is no definite limit the value of x, but the curve may be made 
to bend round as sharply as desired by taking sufficiently small values 
of n. 

Curve 2 reaches a definite saturation limit. A simple equation repre- 
senting this type of curve is derived in the next section. 

If the range of experimental observation is confined to the region to 
the left of the line AB, almost any set of values, to whichever type of 



Fig. 24. 

curve they really belong, can be expressed by the Freundlich equation, 
when an appropriate choice of the constants is made, and, even in the 
region to the right of AB, the complications to which reference has 
already been made make a choice between the two types of curve rather 
difficult. If the surface is not strictly uniform but possesses regions 
with varying adsorptive capacity — as may often be found when material 
of a granular nature is used — the determination of whether or not a 
definite saturation limit exists becomes specially difficult. The super- 
position of two curves, such as (a) and (6) below, each of which may 
tend to a definite limit, gives rise to (c) which apparently does not 
(Fig. 25). 

Until it leads to definite inconsistency with facts, which does not 
seem likely, we shall therefore do well to adopt the theory of the definite 
saturation limit. We may also accept, with reservations, the view that 
it represents a unimolecular layer covering the active points of the 
catalyst. This theory has the following advantages: it is inherently 
probable, it leads to a simple relation between the amount adsorbed 
and the pressure, and the equation expressing this relationship hardly 
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differs in the numerical results it gives from the empirical equation of 
the alternative theory. We will now proceed to find this relation. 



Fig. 26. 


The Equilibrium between the Gas Phase and the Adsorbed Layer accord- 
ing to the Theory of the Definite Saturation Limit 
The theory of this was worked out in a simple manner by Langmuir. *** 
Let gas at pressure p be in equilibrium with unit area of the surface 
of a solid. 

Let a be the fraction of the surface covered with adsorbed gas. Then 
(1 — or) is the fraction left uncovered. In view of the possibility that 
the surface is not homogeneous and that adsorption only occurs on 
active centres, ‘fraction of surface covered’ must be understood to mean 
the fraction of the available surface which is actually covered. Thus, 
from the point of view of adsorption, the surface might be ‘covered’ 
when certain patches only were completely occupied by adsorbed mole- 
cules, and the rest of the surface might be incapable of taking up gas 
at any pressure. 

Equilibrium is established when the rate of condensation of gas on 
to the surface is equal to the rate of evaporation from the surface. 

At constant temperature we have 

rate of condensation = k-^p(l—a)y 

where is a constant, since the absolute rate of condensation is pro- 
portional to the number of impacts per second on the uncovered part 
of the available surface, and this number is proportional to the pressure 
of the gas and to (l—u). 

• J. Amtr, Chem. Soc*, 1916, 38, 2221. 

Bb 
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For the opposing process we have 

rate of evaporation — 

where constant, since the rate of evaporation depends only on the 
amount of gas on the surface. 

For equilibrium, therefore, 

a) = k^o. 

This expression involves a constant, which must be determined 

from experimental data. 

Tivo Important Special Cases, 

In two limiting cases, which occur frequently in practice, this equa- 
tion reduces to a simple form which is theoretically rather important. 

(1) Surface only sparsely covered with adsorbed molecules. 

When the adsorption is slight, the equation 

kip{\ a) = k^ a 

reduces to kj^p ~ 

since, when a is very small, (1— a) is approximately equal to 1. 



When, therefore, the adsorption is small the amount of gas adsorbed 
is directly proportional to the pressure. 

(2) Surface nearly saturated. 

The equation k^p{l--o) ^ k^o 

now reduces to ^\P(^ —a) = 

since, when u is nearly equal to unity, the variations in a itself are 
negligible compared with the corresponding variations in (l—a). 

Thus (l_a) = f?xi. 

When, therefore, the adsorption is large and the surface is nearly 
saturated we have the important result that the amount of free surface 
remaining is inversely proportional to the pressure of the gas. 

These two propositions will find frequent application when we come 
to the discussion of the kinetics of catalytic reactions. 
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The simple formulae we have just derived, although sufficiently 
accurate for most practical purposes, sometimes fail to represent the 
facts completely. Examples are known where the adsorption isotherm 
is linear over a considerable range of concentration in the continuous 
phase and then bends sharply round at the saturation value. In general, 
however, the simple formulae are very fair approximations. 

KINETICS OF HETEROGENEOUS REACTIONS 
A, One Reacting Gas: the Reaction is unretarded by the Products, 

In the sections immediately following we assume that adsorption 
equilibrium is established rapidly compared with the actual rate of the 
chemical changes undergone by the adsorbed molecules. This condition 
is usually fulfilled. The case where it is not fulfilled is discussed later. 

It has to be realized that the seat of the reaction is the adsorbed 
layer and that, except in so far as it acts as a reservoir which regulates 
the concentration of the molecules in this layer, the gas phase is com- 
pletely outside the reaction. 

The law of mass action holds in its ordinary form for heterogeneous 
reactions, but the 'active mass’ is no longer the simple concentration 
of the gas in the homogeneous phase. The amount of gas adsorbed, 
and therefore in a position to react, is the real active mass. 

Kinetically the reaction equations assume the simplest form m the 
extreme cases of very small adsorption on the one hand and almost 
complete saturation on the other. 

When the adsorption is small the amount of gas adsorbed is directly 
proportional to the pressure. If the change taking place in contact 
with the surface involves one molecule only of the gas, that is, if it is 
a truly unimolecular change, we have simply that the rate of change 
is directly proportional to the number of adsorbed molecules and, there- 
fore, directly proportional to the pressure of the reacting gas. If, then, 
p is the pressure at time t of the gas undergoing chemical transforma- 
tion, the reaction proceeds in accordance with the equation 

—dpjdt = kp. 

The ordinary first-order law is thus obeyed. 

Many examples of this type of reaction are known ; the dectomposition 
of arsine;* the decomposition of phosphine on surfaces of glass, f poi - 
celain,J silica ;§ the decomposition of formic acid vapour on a variety 

* van’t HofP, £'tudes de dynamique chimiquey p. 83. 

t van’t Hoff and Kooij, Z, phyaikal, Chem., 1893, 12, 155. 

% Trautz and Bhandarkar, Z, anorg, Chem,y 1919, 106, 95. 

§ Hinshelwood and Topley, J, Chem. Soc., 1924, 125, 393. 
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of different surfaces: — glass, platinum, rhodium, titanium oxide, and 
others;* the decomposition of nitrous oxide on the surface of gold;f 
the decomposition of sulphuryl chloride on the surface of glass the 
decomposition of hydrogen iodide on the surface of platinum ;§ the de- 
composition of hydrogen selenide on the surface of selenium. || A 
general discussion of reactions of this type is given by Bodenstein and 
Fink.** All those which have just been enumerated proceed in accord- 
ance with the first-order law. 

As an example we may quote some figures relating to the decom- 
position of nitrous oxide on gold at 900^0. 


Time in minutes 

Per cent, decomposed 

1 100 

t 

X 

{t in seconds) 

16 

16-5 

0000201 

30 

32 

0000215 

53 

50 

0000218 

65 

67 

0000217 

80 

66 

0000219 

100 

73 

0000218 

120 

78 

0000210 


In the experiment from which these figures are taken the time required 
for the decomposition of half the nitrous oxide was 53 minutes, the 
initial pressure being 200 mm. When the initial pressure was 400 mm. 
the time of half-change at the same temperature was found to be 52 
minutes, showing in another and more conclusive way the first-order 
character of the reaction equation. 

If the adsorption is small, and the reaction depends upon an essen- 
tially bimolecular process among the adsorbed molecules, for example 
2A->A2 or 2A B-j-C, then, since the chance that two molecules 
occupy adjacent positions on the surface depends upon the square of 
the surface concentration, the rate of reaction is proportional to the 
square of the gas pressure, and the reaction is kinetically of the second 
order. 

Examples of this particular case are uncommon. As we have already 
seen, the decomposition of nitrous oxide, which is of the second order 
in the homogeneous phase, becomes of the first order on the surface 
of gold — and also of platinum. Langmuir, ff however, finds that the 

* J. CAem. Soc., 1923. 123, 1014. 

t Hinshelwood and Prichard, Proc. Roy. Soo.^ A, 1925, 108, 211. 

t Id.. J. Ckem. Soc., 1923, 123, 2726. 

I Hinshelwood and Burk, J, Chem, Soe., 1925, 127, 2896. 

[| Bodenstein, Z. phyaikal. Chem., 1899, 29, 429. 

Z. physical. Chem., 1907, 60, 46. ft Soc., 1916, 38, 1145. 



KIITETICS OF HETEROGENEOUS REACTIONS 


180 


combination of hydrogen atoms to the molecular form is probably a 
bimolecular reaction at the surface of tungsten. The decomposition of 
nitric oxide at the surface of platinum* and that of acetaldehydef at 
various metal surfaces probably involve two molecules of the reacting 



Fig. 26. — Rate of decomposition of ammonia on a timgsten 
wire at 856'^, showing approach to theoretical behaviour of a 
reaction of zero order. The lines on which no experimental 
points are marked represent the ideal zero -order change. Tlie 
‘half-life* periods at 50, 100, and 200 mm. initial pressure are 
in the ratio 1 : 1*92 : 3-62. In the ideal case this would be 
1 : 2*0 : 4 0. In a first-order change all would be equal. 

gases; but kinetically the reactions are not simple changes of the second 
order. 

When the adsorption is great, and the surface is saturated or nearly 
saturated, considerable amounts of gas may be removed by chemical 
change without the amount in the adsorbed layer suffering appreciable 
diminution, since that which reacts and leaves the surface is at once 
replaced from the gas phase. Thus there is a constant rate of reaction 
in spite of diminishing concentration in the gas phase, and the reaction 
appears to be of ‘zero order’. When the pressure is sufficiently reduced, 
however, a point must come when the surface is no longer saturated, 
and the zero-order reaction passes into one of the unimolecular type. 

In solutions this type of reaction is common with enzymes; it is also 
frequently found in the catalytic hydrogenation of liquids. An example 
of a nearly zero-order gas reaction is to be found in the catalytic decom- 

* BacChmami and G. B. Taylor, J. Physical Chem.t 1929, 33, 447. 
t Proc. Pay. Soc., A, 1928, 121, 141. 
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position of ammonia on the surface of tungsten,* and also on the surface 
of molybdenum and osmium. f Thus at 856° C., with 200 mm, of am- 
monia in contact with a heated tungsten wire, 59 mm. were decomposed 
in 500 seconds, while in 1,000 seconds 112 mm. were decomposed. The 
falling off from linearity is but slight. This is illustrated by Fig. 26 
where the thicker lines represent the theoretical curves for a reaction of 
zero order. 

Another example of a reaction nearly independent of pressure in this 
way is the catalytic decomposition of hydrogen iodide on the surface 
of a heated gold wire.J The initial pressure of the gas can be varied 
from 100 mm. to 400 mm. with a resulting change in the absolute rate 
of reaction which amounts to about 45% only instead of 400%. 

Intermediate cases are found where the main part of the reaction 
takes place while the adsorption varies along the portion XY of the 
adsorption isotherm (Fig. 27). 

Two arbitrary constants are now needed. The rate of reaction 
varies in proportion to the fraction of surface covered, and therefore 
to We have, therefore, —dpjdt — kp/(l-{~l)j)). According 

to this the rate increases less rapidly than in direct proportion to the 
pressure, and therefore it is possible to use as an approximation the 
equation 7 

n being an appropriately chosen fractional number. Each of the equa- 
tions has two disposable constants, and therefore they may be almost 
indistinguishable within the limits of experimental error. 

The second is the form of equation which Stock and Bodenstein§ 
found to express the rate of decomposition of antimony hydride at 
25° C. The value used for n was 0*6. The reaction took place on an 
extended surface of metallic antimony. 

The hydrides of phosphorus, arsenic, and antimony thus form an 
interesting transition series. On similar sorts of surface antimony 
hydride is the least stable, decomposing with measurable speed at 
ordinary temperatures, and phosphine is the most stable, not decom- 
posing at an appreciable rate below a red heat. Arsine occupies an 
intermediate position. At low temperatures the adsorption is con- 
♦ Hinshelwood and Burk, J. Chem. Soc., 1925, 127 , 1116. 

t Burk, Proc. Nat Acad, Set., 1927, 13 , 67 ; Kunsman, J. Anier. Chem, Soc,<, 1928, 
50 , 2100; Arnold and Burk, J, Amer, Chem. Soc., 1932, 54, 23 (for the quite different 
picture shown by * active’ tungsten at low temperatures see Frankenburger and Hodler, 
Trans. Faraday Soe., 1932, 28 , 229). 

i J. Chem. Soc., 1926, 127 , 1562. § Her., 1907, 40 , 670. 
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siderable, and, as a result, the stibine decomposition requires the 
equation, while the more stable hydrides, which only decompose rapidly 
at higher temperatures where the adsorption is smaller, obey the first- 
order law. It is interesting, moreover, that with stibine itself the 
exponent n increases towards unity as the temperature at which the 
reaction takes place is raifi|ed. 



Fig. 27. 

When the surface is almost completely covered there is no distinc- 
tion kinetically between processes which involve one molecule only of 
the reacting gas and those which involve two. Thus the changes 
A -> B-\-C and 2A -> B-\-C would both be of zero order and indistin- 
guishable. 

Retardation of the Reaction by its Products, 

If any of the products of the reaction are themselves adsorbed 
strongly enough to occupy an appreciable fraction of the surface, less 
space becomes available for the reacting molecules, and the rate of 
transformation is proportionately diminished. There is now a competi- 
tion, for places on the surface of the solid, between the molecules of 
the reactant and those of the product. In the general case this leads 
to a rather complicated equation for the progress of the reaction. 

Let a be the fraction of the active surface which is covered with 
molecules of the reactant when the pressure of this is p, Und let a be 
the fraction covered with molecules of the adsorbed product when the 
pressure of this is p\ 

Then, for the fraction of surface left free from adsorbed molecules 
we have (l—cr— a'), and, equating for each gas the rate of condensation 
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on the uncovered surface and the rate of evaporation from that part 
of the surface which it occupies, we have for the adsorption equilibria 

^ ^ ) “ ^ 2 ^^ 

The rate of reaction is proportional to the number of molecules of 
reactant on the surface and therefore to a, but to express a in terms 
of the pressures two arbitrary constants are needed. 

We shall therefore consider in detail the simpler case where the 
adsorption of the reacting gas itself is small, that is to say, when it has 
very little influence on the adsorption of the product, and its molecules 
only occupy a small fraction even of such space as the molecules of the 
product leave for it. 

Under these conditions 


K+Kv' 


and therefore 1 . 

The rate of reaction is then given by the product of this free surface 
and the specific reaction rate per unit free surface, which is proportional 
to the pressure of the reactant. 

Thus = ]c{l-a')p. 


Therefore 


dp 

"di 


kk^p 


K+Kv'' 

If a is the original amount of the reactant and x the amount trans- 
formed at time t, then p is proportional to (a—x) and p' is proportional 
to X. 


The equation for the rate of reaction then becomes 

dx k^a—x) 
dt \-{-bx 

where k and b are new constants. 

An example of a change satisfying this equation very closely is to 
be found in the catalytic decomposition of nitrous oxide on the surface 
of platinum.* This reaction is retarded by the oxygenf produced in 
the change itself, and its rate is expressed by the equation 

4No01 klN^O] 
dt 1+6[02]’ 
where [N 2 O] = a—x, [Og] == 

♦ J, Chem. Soc., 1925, 127, 327. 

t At low preaaurea the principal retardation appears to be due to atomic oxygen 
(H. Cassel and E. Giaokauf, Z. phyaikal. Chem,, B, 1932, 17, 380). 
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The integrated form of this is 




a—x 


bx 

T* 


The applicability of this expression may be tested as follows. If we 
write i log — ^ and xjt = i;, then it will be seen that should 

t €b — X 

be a linear function of v, and the linearity of this relation is a charac- 
teristic test of the form of the equation not influenced by the choice 
of the actual values of the constants, which only determines the slope 
of the line and its intercepts on the axes. Since 


V == {a-\-llb)k^—klb, 

the slope of the line will be a-f-1/6 and the intercept on the v-axis will 
be —kjb. The following experiment is an illustration of the use of the 
method: 


Temperature 741° C. a = 95 


X 

t 

V 


v + 00136 

(v + 0-0135)/A;, 
a-f-1/6 

10 

316 

00318 

0-000353 

00453 

129-8 

20 

760 

0-0267 

0-000315 

00402 

127-8 

30 

1400 

0-0214 

0-000271 

0-0349 

128-6 

40 

2250 

0-0178 

0-000243 

0-0313 

128-8 

50 

3450 

00145 

0-000216 

0-0280 

129-5 

60 

5160 

0-0116 

0-000194 

0-0251 

128-9 


0*0135 is the intercept on the line = 0. 

The linearity of the relation between k^ and v is shown by the con- 
stancy of the slope as recorded in the last column. 

When the adsorption of the retarding gas is so strong that the limiting 
law holds, namely the free space is inversely proportional to the pres- 
sure, the reaction velocity equation assumes a still simpler form. The 
rate of change is now directly proportional to the pressure of the 
reactant and inversely proportional to that of the product. 


Thus 


dx __ k(a—x) 
dt ~ X 


This limiting case is almost realized in the decomposition of ammonia 
on the surface of a heated platinum wire,’*' in the region of 1,000° C. 
In the first few instants the reaction velocity appears to be extremely 
high, but falls off as soon as the smallest traces of hydrogen make 
their appearance; the surface seems to become almost saturated with 
hydrogen at quite low pressures. Thereafter the reaction proceeds at a 

* J, Chem, Soc„ 1926, 127, 1114. 

C C 


4673 
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rate which is inversely proportional to the pressure of hydrogen. The 
following figures taken from the results of experiments, in which varying 
amounts of hydrogen were added initially to the ammonia, illustrate 
this inverse relationship. 


Temperature, 1,138° C. Initial pressure of ammonia, 100 mm. of mercury 
Amount of ammonia decom* Pressure of hydrogen 

posed in 120 seconds added initially 


33 

27 

16 

10 


60 

75 

100 

160 


The equation expressing the retarding action of the products is not 
always of such a simple form. While the decomposition of ammonia 
on platinum is well enough represented by the simple equation 

4NH3] _ i:[NH3] 

dr [H J ’ 

Bodenstein and Kranendieck* found that the decomposition on the 
surface of quartz glass was retarded by hydrogen according to a much 
more complicated law. 

-r dx kia—x) 

^ dt l+bx 

the factor 1/(1+ 6a;), which represents the retarding effect, reduces as 
we have seen to l/6a; for large values of b and becomes equal to unity 
naturally when b vanishes. For intermediate conditions it may be 
represented approximately by an inverse fractional power of x. This 
is the origin of the relation sometimes found empirically that the 
retarding effect of a gas on a reaction is proportional to the square root 
of its pressure. No significance is to be attached to the square root. It 
means simply a fractional power in the neighbourhood of 0-5. 

The complexity of the catalytic surface sometimes reveals itself in 
experiments on the retarding action of gases. Burk,t for example, finds 
that the rate of decomposition of ammonia on molybdenum, although 
strongly retarded by nitrogen, does not approach zero as the surface 
becomes saturated with nitrogen. This shows that there must be certain 
parts of the active surface which the nitrogen cannot poison, or else 
that the nitrogen film itself has a certain catalytic activity. SchwabJ 
finds the rate of decomposition of ammonia on platinum, at lower 
pressures, to be retarded by nitrogen as well as by hydrogen, while, at 

♦ Nemat-Festachrijt, 1912, p. 99. t Acad. Soi., 1927, 13, 67. 

X Z. phygikal. Chem., 1927, 128, 161. 
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higher pressures, Hinshelwood and Burk found no retardation. It is 
evidently unwise, therefore, to extrapolate measurements much beyond 
the range of pressure in which the observations are made. At low pres* 
sures the most active centres of the surface may be those principally 
concerned; at higher pressures quite other centres may be the most 
important, the more active ones being already poisoned, while the less 
active ones have resisted poisoning. 

The ‘ Order ’ of Heterogeneous Reactions. 

A gaseous reaction of zero order is one in which the absolute rate of 
change is independent of the pressure of the reacting gas. A reaction 
of the first order is one in which the rate is proportional to the pressure, 
or in which the fraction of the total which is transformed in a given 
time is independent of the concentration. 

The time required for the transformation of half the total amount 
of substance is one of the most useful criteria. In reactions of zero 
order it is directly proportional to the initial pressure, in reactions of 
the first order independent of the initial pressure, and in reactions of the 
nth order inversely proportional to the (n— l)th power of it. 

We adopt this kinetic definition of reaction order without reference 
to the actual number of molecules involved in each act of chemical 
transformation. It will be convenient to call the order inferred from 
the effect of pressure on the time of half-change the apparent order ^ 
and to refer to the number of molecules involved as the true order of 
the reaction. We have now to consider the relation of the true and the 
apparent order in various cases. 

First, when the reaction is unretarded by the products there are two 
extreme cases. If the adsorption is small the true and apparent orders 
are equal. We consider still the case of one reacting gas. 

The chance that n molecules shall occupy positions on the surface 
sufficiently close to render interaction possible depends on the ?ith 
power of the surface concentration, and this in its turn depends on the 
nth power of the pressure. 

If, on the other hand, the surface is completely covered, the apparent 
order is zero, whatever the true order may be, since the number of 
groups of n molecules cannot change with pressure so long as the surface 
remains covered. 

In intermediate cases the apparent order is between zero and the 
true order, but this value itself varies with the pressure. Moreover, it 
should change considerably with temperature. If, therefore, a value 
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for the reaction order is found which does not decrease towards zero 
as the pressure increases, and which, moreover, does not vary with 
temperature, it may be taken as the true order. 

Secondly, with retarded reactions further complications arise. We 
will consider the case where the products of reaction are so strongly 
adsorbed that the free surface is inversely proportional to their pressure. 

Let the true order of the reaction be the first. Then the velocity 
equation assumes the form 

dx __ k(a--x) 

dt X 

Integrating, kt ~ a\oga-~a\og(a—x)—x. 

If T is the time of half-change, we find by putting x ~ 

r = ^(a\og2-\a). 

This shows that the half-Ufe increases in direct proportion to the initial 
pressure. This would indicate an apparent reaction order of zero. 
Expressed loosely, the reaction appears to be faster at low pressures 
than at high pressures. This is illustrated by the curves in Fig. 28. 
Again, if the true order of reaction is the second, 

dx ___ k{a—x)'^ 
dt X 

whence it is easily found that 

T = i(l— log2). 

Thus the half-hfe is independent of the initial pressure. The apparent 
order is thus the first. 

nIr general, then, the effect of a strong retarding action by the pro- 
ducts of reaction is to reduce the apparent order of the reaction to one 
below the true order. 

From the foregoing discussion it will be seen that some circum- 
spection is necessary in inferring the true order of a heterogeneous 
reaction from the influence of pressure, but that when all the circum- 
stances are taken into account this order can usually be found. There 
is no evidence that reaction products can ever exert a retarding action 
proportional to a higher power of their pressure than the first, nor is 
there any theoretical ground why they should possibly be able to do 
so. Hence, when we find a reaction, such as the decomposition of 
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nitrous oxide, proceeding relatively faster at lower pressures, it is quite 
certain that the true order cannot be higher than the first. 

The decomposition of nitric oxide at the surface of a hot platinum 
wire* is apparently of the first order, as judged from experiments on 
variation of the initial pressure. Retardation by oxygen was observed, 
but was not at first considered marked enough to have reduced the 



Fig. 28. — Influence of initial pressure on catalytic 
decomposition of nitrous oxide. 


order from two to one. Further investigation by Bachmann and 
Taylor f showed that the oxygen retardation was very considerable; 
and that therefore we have here an example of the reduction of the 
true order two to an apparent order of one. 

B. Two Reacting Gases. 

Reactions which are unretarded by the products will first be con- 
sidered. When the adsorption of all the reacting gases is small, the 
numbers of molecules of each which are present on the surface of the 
catalyst at any moment are proportional to the respective pressures. 
The reaction occurring on the surface will therefore follow the same 
kinetic equation as that which would be followed if the identical 
reaction took place homogeneously. 

As an example of this we may take a heterogeneous reaction between 
two molecules of A and one of B. The surface being but sparsely 

♦ J. Chem. Soo., 1926, 1709. t Physical Chem.t 1929, 33, 447. 
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covered with A and- B the chance that two molecules of A and one 
of B occupy positions sufficiently near together for them to be able to 
interact depends upon the square of the number of A molecules and 
upon the number of B molecules. Since these in turn depend upon the 
pressures we have j 

^£ = k[Ar[B]. 

Similarly, the catalytic combination of ethylene and hydrogen in the 
presence of metallic copper is approximately of the second order 
between 150° and 250° C.* 

As soon, however, as one or other of the reacting gases is rather 
strongly adsorbed, the reaction kinetics become much more com- 
plicated. In the combination of ethylene and hydrogen on copper 
Pease *)* found that at 0° and 20° C. the simple course is no longer fol- 
lowed. The velocity still increases more or less in proportion to the 
liydrogen concentration, but actually decreases with increase in the 
concentration of ethylene. This means that the ethylene, at these lower 
temperatures, nearly saturates the surface, so that further increase in 
its pressure cannot appreciably augment the number of molecules 
adsorbed, but may, and does, lead to an actual displacement of the 
less strongly adsorbed hydrogen, 

Langmuir’s investigation of the interaction of hydrogen and oxygen 
on the surface of heated platinum wiresj may be taken as a further 
example. Over a certain range of temperature the velocity of reaction 
on the platinum surface is proportional to the pressure of oxygen but 
inversely proportional to the pressure of hydrogen. This proves that 
the hydrogen is preferentially adsorbed, and may displace the oxygen. 

These principles will now be exemplified by the discussion of some 
typical reactions. 

(a) The Interaction of Carbon Monoxide and Oxygen. 

The progress of this reaction on the surface of quartz was studied 
by Bodenstein and Ohlmer.§ The velocity was found to vary in direct 
proportion to the pressure of oxygen, and in inverse proportion to the 
pressure of the carbon monoxide itself. 

The interpretation of this result seems to be as follows. Carbon 

♦ Graasi, Nuovo CimentOt [6], 1916, 11, 147; Pease, J. Amer. Chem. Soc,, 1923, 45, 
2236. 

t Pease, J. Amer. Chem. Soc., 1923, 45, 1196. 
t Trans. Faraday Soc., 1922, 17, 621. 

§ Z. physikal. Chem., 1906, 53, 166. 
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monoxide is strongly adsorbed. Therefore the amount of space left 
uncovered on the catalyst is inversely proportional to its pressure. 

Oxygen is but slightly adsorbed. Therefore the rate of reaction is 
proportional to the pressm^e of oxygen. It is further evident that for 
interaction to occur it is not sufficient for an oxygen molecule merely 
to strike an adsorbed molecule of the monoxide, for this would simply 
make the rate of reaction independent of the carbon monoxide con- 
centration, but it must itself become adsorbed on that part of the 
surface which is free. This assumption makes the rate proportional to 
the extent of the free surface as well as to the oxygen pressure. The 
supply of carbon monoxide molecules on the surface is so large that 
nearly all the oxygen molecules which take up their abode on the 
catalyst find a molecule of carbon monoxide adjacent to them. 
The only effect of the pressure of the monoxide is therefore in deter- 
mining the free space. The rate of reaction is thus proportional to 
[0,]/[C0]. 

These inverse proportionality relationships, which are quite common, 
are very important in showing that, in some instances ^t least, adsorp- 
tion of botb reacting substances on the surface of the catalyst itself is 
necessary. A must not merely strike adsorbed B, but must be adsorbed 
adjacent to it. Otherwise excess of B could not actually retard the 
combination. 

With a different quartz glass Benton and Williams* found a different 
law, namely, that the rate varies as [02][CO]i. This illustrates the 
varying adsorptive properties of various kinds of quartz. 

Langmiiirf made experiments at low pressures on the combination 
of carbon monoxide and oxygen on the surface of platinum. Up to 
700"^ abs. the rate of reaction was found to be directly proportional to 
the pressure of oxygen and inversely proportional to t hat of the carbon 
monoxide. 

At temperatures between 750® and 1,050® abs., however, the adsorp- 
tion of carbon monoxide being evidently much less, a simpler reaction 
took place. This proceeded with a velocity proportional to the pressure 
of oxygen when the carbon monoxide was in excess, and to the pres- 
sure of the carbon monoxide when the oxygen was in excess. At these 
temperatures the two gases appear to compete for the surl’ace of the 
platinum on more or less equal terms. 

In the low-temperature region interesting curves are obtained when 
the pressure of the reacting gases is plotted against time, the rate of 
♦ J. Physical Chern., 1926, 30. 1487. t 
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diminution of pressure, of course, measuring the rate of reaction. They 
have the form shown in Fig. 29. 

When oxygen is in excess the curve has a form indicating that the 
rate of reaction increases as the carbon monoxide is used up. The film 
of carbon monoxide remains practically complete until nearly all the 



supply in the gas phase is exhausted, and then the reaction comes to 
an abrupt end. 

When carbon monoxide is in excess the film is never completely 
burnt off the platinum, and the rate of reaction falls off gradually as 
the oxygen is used up. 

When more or less equivalent proportions are used the increase in 
rate due to the increasing number of gaps in the carbon monoxide film 
is almost exactly counterbalanced by the falling off in rate due to the 
diminishing pressure of oxygen, and nearly straight lines are found. 

(h) The Interaction of Hydrogen and Oxygen, 

Langmuir, investigating the interaction on the surface of platinum, 
found once more that the character of the reaction changed with tem- 
perature. Both in the low-temperature region and in the high-tempera- 
ture region the results were analogous to those which he had found 
with carbon monoxide and oxygen. The hydrogen now plays a role 
analogous to that of the monoxide in the other reaction. 

In contact with silver Benton and Elginf find the rate to be pro- 
portional to the pressure of the hydrogen, and independent of that of 

t J, Amer, Chem. Soc,, 1926, 48 , 3027. 


♦ Loc. cit. 
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the oxygen: it is reduced by the presence of steam. In contact with 
gold* the rate is directly proportional to the square of the hydrogen 
pressure and the first power of the oxygen pressure, and inversely 
proportional to the pressure of water vapour. 

(c) The Interaction of Nitroits Oxide and Hydrogen. 

On a platinum surface the hydrogen forms apparently an almost 
complete film, in the gaps of which the nitrous oxide reacts, f The 
reaction, NgO+Hg = N 2 +H 2 O, follows a course almost exactly analo- 
gous to that of the oxidation of carbon monoxide at low temperatures. 
Curves almost exactly similar to those already described in connexion 
with that reaction are obtained, the change coming to an abrupt end 
when the nitrous oxide is in excess, and reaching its end asymptotically 
when the hydrogen is in excess. 

{d) The Combination of Ethylene and Hydrogen. 

Besides the investigations of Grassi and of Pease, J with which we 
have already dealt, there are available some observations of Rideal,§ 
who employed nickel as a catalyst. He found the rate of the reaction 

C2H,+H2 = C2He 

to vary in direct proportion to the pressure of hydrogen when ethylene 
was in excess, and in direct proportion to the pressure of ethylene when 
the hydrogen was in excess. Ethane had no influence on the rate of 
combination. 

{e) The Interaction of Hydrogen and Carbon Dioxide. 

The progress of the reaction 

CO2+H2 = CO+H2O 

on the surface of a heated platinum wire was studied by Hinshelwood 
and Prichard.il The measurements were made in the region of 1,000° C. 
The reaction was made irreversible by the continuous removal of the 
water formed. The rate of reaction was proportional to the pressure 
of hydrogen at least up to 300 mm. of mercury. It was proportional 
to the pressure of carbon dioxide for small pressures, and more or less 
inversely proportional to the pressure of the carbon dioxide at high 
pressures of this gas. This relationship is shown in Fig. 30. 

* Ibid., 1927, 49 , 2426. 

t Hinshelwood, Proc. Roy. Soc., A, 1924, 106, 292. 

t IfOb. cit, § • OhcTn. Soc., 1922, 121, 309. 

II J. Chem. Soc., 1926, 127, 806. 

D d 
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The low-pressure part, AB, of the carbon dioxide curve corresponds 
to Rideal’s observation of the influence of ethylene pressure on the 
rate of interaction of ethylene and hydrogen in presence of nickel, while 
the high-i)ressure part, CD, corresponds to the results of Pease for the 
influence of the ethylene pressure on the combination in presence of 
copper. We have the initial increase due simply to the increasing 



Fig. 30. — Influence of carbon dioxide pre.ssure on the rate of tlie reaction 
COjj + Hj — > CO-f HjO at 1,000° C. PrcHsure of hydrogen, 100 rnin. 

number of molecules of carbon dioxide on the surface, followed by the 
jiassage through a maximum and subsequent decrease as the carbon 
dioxide displaces the hydrogen more and more. 

The examples wc have quoted illustrate nearly all the possible kinds 
of behaviour. 

Reference may here be made to the combination of ethylene and 
bromine on ordinary glass surfaces, where the rate of reaction was 
found by Stewart and Edlund* to be proportional to the concentration 
of the bromine vapour and of the ethylene. This would mean small 
adsorption of each gas. But further investigation of the reaction reveals 
more complex and varied behaviour, f 

It is hardly necessary to point out that all these various kinds of 
behaviour would be shown successively in the same reaction if the 
pressure of each of the reacting gases were varied from the highest to 
the lowest value. Every experimental study made under conditions 
circumscribed by the limitations of practical technique reveals only 
♦ J, Amer, Chem, Soc., 1923, 45, 1014. t Williams, J, Chem. Soc,, 1932, 1747. 
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a fragment of the complete set of relations. Differently prepared cata- 
lysts frequently show quite different behaviour. It should be noted 
that the purpose of the present chapter is accordingly to illustrate types 
of reaction, rather than to be a description of the properties of specific 
catalytic substances.* 

Retarded Reactions, The Interaction of Sulphur Dioxide and Oxygen, 
As an example of a retarded reaction we may take the classical 
investigation of Bodenstein and Finkf on the reaction 

2 SO 2 +O 2 - 2 SO 3 . 

When it takes place in contact with platinum this reaction is retarded 
by the sulphur trioxide which is formed. 

The rate of reaction is proportional to the quantity 

(amount of SOg adsorbed) x (amount of Og adsorbed). 

The exact equation expressing this as a function of the various con- 
centrations is very complicated, since the sulphur trioxide displaces 
both of the other gases to a greater or smaller extent. 

In practice the rate of reaction is found to be sufficiently well repre- 
sented by the equations 

d[SOj] ^ k{0,] 
dt " [SOgJi 

when sulphur dioxide is in excess, and 

4 SO 3 ] _ k[SO,] 
dr [SOgJt 

when oxygen is in excess. 

The term is an empirical expression proportional to the 

[0O3J* 

amount of surface left free when the concentration of the sulphur 
trioxide in the gas phase is [SO 3 ]. 

The Diffusion Theory of Heterogeneous Reactions, 

One of the most striking features about heterogeneous reactions is 
the frequency with which the change is retarded either by the products 
of the reaction or by one of the reacting substances when it is present 
in excess. Before the development of the current method of regarding 

* This is a very necessary reservation, as is shown especially by the work of Roberts 
(see Ann. Rep. Oiem. Soc., 1938, 62) who has found that surfac^js previously considered 
clean may have had complete gas films adsorbed on them, 
t Z. phymkal. Chem., 1907, 60, 1. 
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these phenomena, an interpretation of a rather different kind was 
placed upon them. 

It was supposed that the actual rate of reaction at the surface of 
the catalyst was great compared with the rate at which the reacting 
substances could diffuse through a continuous layer of the retarding gas. 

This theory was a development of Nernst’s diffusion theory of reac- 
tions taking place between substances in different phases, but it is by 
no means inseparably connected with this. It was employed and de- 
veloped by Bodenstein, and can usually be made to account more or 
less satisfactorily for the influence of the various concentrations on the 
rate of reaction. 

One illustration will suffice. The equation 

d[SO,] __ k[SO,] 

~ dt ~ - [SO3]*’ 

representing the reaction between sulphur dioxide and excess of oxygen 
on the surface of platinum, can be derived by assuming the platinum 
to be covered with a continuous layer of sulphur trioxide, the thickness 
being proportional to the square root of the pressure. Through this 
layer the molecules of sulphur dioxide and of oxygen must thread their 
way up to the surface of the catalyst. When oxygen is in excess in 
the gas phase, there will always be a plentiful supply of it in contact 
with the platinum, and every molecule of sulphur dioxide which arrives 
there will be able to react at once. The observed rate of reaction is 
therefore determined simply by the rate at which molecules of sulphur 
dioxide diffuse through the sulphur trioxide film. In accordance with 
the well-known law of diffusion, this rate is proportional to the con- 
centration gradient in the film, which is expressed by 

concentration in the gas phase— concentration at the surface 
thickness of film 

Since the reaction at the surface is assumed to be very rapid, the 
concentration here is maintained at zero. The rate of combination is 
thus proportional to i;[SO ] 

poj’ 

In those reactions where the rate is inversely proportional to some 
function of the pressure of one of the reacting substances it becomes 
necessary to assume that a film of this substance covers the surface, 
and that the other reactants have to diffuse through it. The interaction 
must be supposed only to accomplish itself at the actual surface of the 
catalyst. 
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Explanations may be devised with the aid of this theory almost as 
well as with the aid of the rival theory. Simple unretarded reactions 
demand, it is true, rather forced hypotheses about diffusion into the 
catalyst, or about the existence of permanent skins of foreign gas on 
the surface, but the real evidence against the diffusion theory is of 
a more general character. 

One of the most important of the arguments against it is a quanti- 
tative one.* To account for the extreme slowness of some reactions it 
would be necessary to suppose the existence of retarding layers of such 
thickness that they would be of visible dimensions. 

Between the highest and the lowest temperatures at which measure- 
ment is practicable the variation of reaction rate is many thousandfold. 
If the diffusion theory is apphcable at all, the layer through which the 
reacting molecules have to pass cannot very well be less than a single 
molecule in thickness, even at the highest temperature, for a very 
simple calculation shows tliat the rate at which molecules of the re- 
actant could come into contact with the bare surface is many times 
greater in most instances than the fastest measurable rate of reaction. 
At the lowest temperatures, then, the diffusion layer would have to be 
many thousands of molecules in thickness. This is easily shown to 
be a quite inadmissible supposition. No such difficulty is encountered 
when the variation in the observed reaction rate is attributed to the 
specific effect of temperatui'e on the actual chemical transformation at 
the surface of the catalyst, to the uncovered portions of which the 
molecules of reactant are supposed to have free access. 

Rate of diffusion varies as the square root of the absolute tempera- 
ture. Heterogeneous reactions have the high temperature coefficients 
characteristic of all chemical changes. If, therefore, the simple diffusion 
theory is adopted, there is no alternative but to suppose that the thick- 
ness of the retarding layer changes rapidly with temperature. The 
objections to such a supposition have been indicated. To meet these 
it might be suggested that only those molecules can reach the surface 
of the catalyst and react, the kinetic energy of which is sufficient to 
enable them to penetrate a permanent adsorbed layer of some kind, 
this process being rather different from ordinary diffusion, where all 
the molecules thread their way through the obstacle. This hypothesis, 
even if there were anything to be said for it on general grounds, which 
is open to question, would be ruled out by observations on tlie tem- 
perature coefficients of those reactions where a single molecule under- 

♦ Cf. Langmuir, loc. cit., supra. 



206 


KINETICS OF HETEROGENEOUS REACTIONS 


goes alternative transformations. According to the hypothesis the total 
reaction velocity should vary with temperature in accordance with the 
Arrhenius equation, whereas experiment shows that the velocities of 
the separate transformations vary independently, and each according 
to an equation of the AiThenius form. The temperature coefficient of 
the total reaction velocity is thus a composite one. This is inconsistent 
with the assumption that the variation in rate is governed by a process 
common to both of the alternative reactions, namely the penetration 
of an impeding film by the molecule of the reactant. 

It should perhaps be pointed out that if the diffusion theory were 
true, our previous conclusions about the relation between the true and 
apparent order of the reaction would have to be modified. In general, 
the reaction rate would depend upon the first power of the concentra- 
tion of that reactant which happened to be in defect, or to have the 
lowest diffusion coefficient. 

'^Mobility of Adsorbed Molecules on Surfaces and a Modified Diffusion 

Theory,"^ 

The mobility of adsorbed molecules on the surfaces of solid bodies 
is a question of some general importance. Experimentst on the growth 
of mercury crystals from the vapour seemed to indicate that adsorbed 
molecules of mercury could occupy the crystal surface without forming 
part of its structure, and that they possessed mobility. It also appeared 
that molecules of benzophenone could move over the surface of glass. 
In the light of these observations, catalytic reactions on a solid surface 
present a slightly different picture from that of Langmuir’s original 
theory, though the essential kinetic relationships are not profoundly 
modified. For example, suppose we have small adsorption and propor- 
tionality between gas pressure and adsorbed amount for each of two 
reacting substances A and B, If the molecules of A and B are rigidly 
held, reaction depends upon their alighting from the gas phase to 
adjacent positions on the surface: the probability of which is propor- 
tional to the product of the two pressures. If A and B are freely mobile 
they may, on the other hand, seek each other out in the adsorption 
layer: but, although the mechanism is somewhat different, the prob- 
ability of an encounter is still proportional to the product of the 
pressures. In fact, it seems clear that the relation between the prob- 
ability of reaction and the gaseous concentrations ought to be the 

See Lennard -Jones, Proc. Phya. Soc.y 1937, 49 , 140. 
t Volmer and Adhikari, Z. Phyaik, 1926, 35 , 170; Z, phyaikal. Chem.t 1926, 119 , 46. 
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same whether the movement of the molecules is realized by translation 
over the surface or by passage through the gas. Surface mobility is 
formally equivalent to a shorter time of sojourn on the surface in 
Langmuir’s sense. 

It is by no means certain, however, that the powerful adsorption 
forces acting between surfaces and reacting gases such as oxygen, 
hydrogen, or carbon monoxide will allow mobility in any degree com- 
parable with that found in Volmer’s experiments. Polanyi and Welke 
show that different parts of a charcoal surface are associated with very 
different adsorption energies, and that the density and mobility of the 
adsorbed molecules must vary over a correspondingly wide range.* 
Quite probably, the most important cases catalytically are those where 
very strong binding produces great internal changes in the molecules 
and at the same time greatly reduces or inhibits mobility. 

The case where there is some, but not perfectly free, mobility is an 
interesting one. Molecules may remain anchored to one point on the 
surface most of the time, but be capable of migrating from point to 
point by a discontinuous series of motions executed when they acquiie 
enough energy. This processf has been called ‘activated diffusion’. 
The molecular or atomic structure of any surface naturally ensures 
that there are arrays of points at which an adsorbed molecule is more 
strongly held than at any immediately adjacent points. To pass from 
one of these stable positions to another the molecule needs energy, but 
this energy may be less than that which would allow it to evaporate 
from the surface completely. Under these conditions there could be 
a slow migration of adsorbed molecules of different kinds towards one 
another; or a slow migration of an adsorbed molecule across a surface 
to some active centre, or towards a crystal edge or corner. The im- 
portance of such edges and corners and of phase boundaries in general 
has been emphasized by Schwab and Pietsch,J who have considered 
the kinetics of heterogeneous reactions from this point of view. 

Kinetics of Surface Reactions where one of the Gases is adsorbed Slowly, 

We must now consider how the kinetics of a heterogeneous reaction 
are modified when one of the reacting gases reaches adsorption equili- 
brium very slowly. 

(1) The simplest kind of reaction will be when there is slow adsorp- 
tion of gas A followed by a relatively rapid chemical reaction between 

* Z.phyaikal, Chern,, 1928, 132, 371. 

t Cf. Fofraday Society Disousaion ref., p. 308. 

■J Inter alia, Z, Elektrochem.f 1929, 35, 673. 
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the adsorbed A and the second gas B. The speed of the reaction will 
be determined simply by the rate of adsorption. Since A will be 
removed from the surface as quickly as it is taken up, the rate of 
adsorption will be proportional to the pressure of A in the gas phase, 
the whole surface remaining practically uncovered, except in so far 
as the products of reaction remain adsorbed. Leaving this latter factor 
out of account, the total rate of reaction will be proportional to the 
pressure of A and independent of the pressure of JB. 

(2) A more general relation is as follows: the amount of A on the 
surface increases by adsorption and decreases by reaction, a stationary 
condition being established when the two rates are equal. Let the 
fraction of the surface covered under these conditions be u. 

Then rate of adsorption of A = i:i[A](l— a) and the rate of removal 
by reaction = 


By equating these a is found to be 




and the rate of 


reaction will be 

This reduces to a simpler form in two extreme cases : when is large 
in comparison with k^ the rate becomes proportional to [B], while when 
k^ is large in comparison with k^ the rate is proportional to [A]. 

This means simply that when the rate of adsorption is relatively 
great the surface becomes completely covered, so that the reaction is 
independent of [A], while when the rate of reaction is much greater 
than the rate of adsorption, the surface is, as it were, kept clean, and 
the A molecules are used up at the rate at which they get adsorbed. 

The above discussion neglects the re-evaporation of the adsorbed 
A molecules, and also postulates that reaction occurs when B strikes 
adsorbed A. The first simplification would probably be justified in 
examples of practical importance: it becomes quite valid, of course, when 
the reaction is fast compared with the adsorption. 

The equations for a more complete treatment allowing for the adsorp- 
tion and re-evaporation of both gases are easily written down. In 
general, the relations between rate of reaction and concentration will 
be complicated. 

When the slow interaction between the solid and the gas affects more 
than the surface layer of atoms of the solid, and there is the possibility 
of actual compound formation, as, for example, with oxygen and certain 
metals, the relations will be more complex stiU. Surface compound 
formation might, for example, proceed to a certain point and then 
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bring about a change of space lattice. According to whether this had 
occurred or not, the reaction between the surface compound and the 
second gas might be slow or rapid. Reaction between the second gas 
and the surface compound might be governed by the formation and 
growth of nuclei. The number of possibilities is indefinitely great, 
and the variety of phenomena correspondingly complicated. Examples 
of complex and remarkable surface behaviour are to be found in the 
work of Chapman and others on the catalytic action of silver on the 
union of hydrogen and oxygen. 

Activated Adsorption. 

Slow establishment of adsorption equilibrium is probably not an 
important factor in catalytic phenomena at high enough temperatures, 
for example, in experiments where the catalyst is an incandescent metal 
wire. But an important class of examples has been discovered by 
H. S. Taylor and others, where the rate of adsorption is slow and has 
a considerable temperature coefficient. Taylor calls the adsorption 
occurring under these conditions ‘activated adsorption'.* The forces 
called into play in adsorption being often of the same nature as those 
by which chemical compounds are formed, the adsorption may take 
place with a characteristic velocity determined by the same kind of 
factors as those which govern the rate of chemical changes. In parti- 
cular, a definite energy of activation may be necessary for the formation 
of the adsorbed system. For example, Taylor and Williamson,! study- 
ing the adsorption of hydrogen by manganous oxide, or by mixtures 
of manganous oxide and chromium oxide, found that the process was 
slow and that its rate had a well-defined positive temperature coeffi- 
cient. With manganous oxide the process is slow at 100° C. Between 
184° and 305° the rate at which hydrogen is taken up increases tenfold. 
By applying the Arrhenius equation a ‘heat of activation' for the 
formation of the ‘surface hydride’ of about 10,000 calories is found. 

In general, heats of activation found in this way vary both with 
temperature and with the amount of gas taken up. This can be inter- 
preted in terms of a varying activity of different parts of the surface, 
or by supposing that two types of adsorption are occurring simul- 
taneously (one depending on the ‘chemical’ forces and the other on 
forces of the van der Waals type). In some examples, especially where 
gases are taken up by metals, it is maintained by some that the slow 
adsorption which increases in rate with, temperature is to a considerable 
• J. Amer. Ohem. Soc., 1931, 53, 678. t 193h 53, 813, 2168. 
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extent at least a process of solution or of penetration of the gas into 
the interior of the solid. When this factor is of serious consequence the 
heat of activation calculated from the Arrhenius equation will not have 
a direct significance. In the ideal case, however, it will be almost 
exactly analogous to the heat of activation of an ordinary chemical 
reaction. 

The Adsorption of Mixtures of Gases* 

If we assume a uniform homogeneous adsorbing surface, then, by 
writing down the equations for the rate of condensation and rate of 
evaporation of two gases which are simultaneously adsorbed, it may 
be shown that the relative amounts of each taken up by the adsorbent 
should be independent of the absolute pressure of the gases, and 
dependent only on the relative pressures of the two. Indications that 
this condition is not always fulfilled have been interpreted by assuming: 

(1) that multimolecular layers are formed, in which a unimolecular 
film of one gas may itself hold molecules of a second ga8;f 

(2) that the surface of the adsorbent is not homogeneous. Further 
reference to this assumption will be necessary in the next chapter. 

(3) that the adsorbed molecules of the two kinds exert forces on one 
another. This must be true in general, though there will be many cases 
where the assumption of approximately ‘perfect’ behaviour will be 
reasonable. 

Reference should be made here to the work of Palmer, J who used 
the method of measuring the ‘cohering’ voltage between metallic fila- 
ments for investigating the nature of the gas films adsorbed by metals. 
The interpretation of the results depends upon certain assumptions, the 
validity of which is a little difficult to estimate, but the phenomena 
observed are of much interest. In particular, it is found that when 
a mixture of gases is admitted to the metal the initially formed film 
appears to differ somewhat in composition from that existing when 
equilibrium is established. The explanation is probably as follows: the 
gases first condense on the surface in proportion to the numbers of 
molecules of each striking it, i.e. in direct proportion to the partial 
pressures and the molecular velocities. The final equilibrium depends 
also on the rates of evaporation. If the gases are both strongly ad- 
sorbed, so that their rates of evaporation are small, the equilibrium 
may take a measurable time to be established. 

♦ Cf. Hackel, Adsorption, p. 217. 

t Cf. Hurst and Rideal, «7. Chem. Soc., 1924, 125, 694. 

t Proc. R(ry. Soc., A, 1924, 106, 66; A, 1926, 110, 133; A, 1929. 122, 487. 
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It may be a similar phenomenon which is encountered when a gaseous 
reaction product formed in situ on a surface retards the reaction, while 
the same gas added from without has no retarding influence. 


The Inflicence of Heterogeneous Catalysts on the Equilibrium Point in 

Reversible Reactions, 

In heterogeneous reactions we frequently find relations between rate 
of reaction and concentration quite different from those which the law 
of mass action would indicate to be valid for a homogeneous system. 
It is a little difficult, at first sight, to see how, by equating the rates 
of the forward and reverse reactions, we are still to arrive at the correct 
equilibrium relations. The general problem is very complex, but one 
simple example may be given to illustrate the manner in which conflict 
with the second law of thermodynamics is avoided. 

Let the reaction AB ^ take place in contact with a hetero- 

geneous catalyst. 

Suppose ^ jS is only slightly adsorbed, B very strongly adsorbed, and 
A slightly adsorbed. 

Then we might have for the rate of the direct reaction 

^d[AB] __ kf AB] 
dt [JS] ‘ 

But just because B is strongly adsorbed, the rate of the reverse reaction 
might become independent of B and we should have 


d[AB] 

dt 


= h[A]. 


By equating these rates we arrive at the normal expression for the 
equilibrium constant [AB^ 

[AW 


ACTIVATION IN HETEROGENEOUS REACTIONS 
In order to take part in a heterogeneous reaction molecules must be 
adsorbed by a catalyst. But attachment to the surface is not by itself 
sufficient to cause their transformation. They require activation just 
as in homogeneous reactions. 

There is a general correlation between adsorptive capacity and cata- 
lytic effect to the extent that all the metals show some capacity for 
adsorbing those gases the interaction of which they are able to promote. 
Beyond this the correlation does not extend in the simple kind of 
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reaction. In cases where activated adsorption occurs, there are in- 
teresting connexions between this and the catalytic activity. 

There is ordinarily no quantitative proportionality between degree 
of adsorption and rate of reaction. Nor is any such close relation to 
be expected. Indeed, at temperatures where reaction attains a measur- 
able speed adsorption is often quite small. Thus, although the adsorp- 
tion of ethylene by certain kinds of copper catalyst can be demonstrated 
at lower temperatures, the velocity of interaction of ethylene and 
hydrogen only attains an appreciable speed at temperatures where the 
adsorption becomes almost too small to measure. 

It is clear, therefore, that thermal activation plays a part in surface 
reactions as important as that which we have seen it to play in homo- 
geneous changes. 

Heterogeneous reaction velocities nearly always satisfy the Arrhenius 
equation dlogkjdT == EjRT^, and the values of the constant E are 
not of a different order of magnitude from those belonging to purely 
gaseous reactions. In many instances the value of JS? is in the neigh- 
bourhood of 30,000 calories. 

Until more definite information is forthcoming about its real meaning 
we may call E the apparent heat of activation. 

As we have seen, there is abundant evidence that the heat of activa- 
tion in homogeneous reactions represents the thermal energy with 
which the molecules must be supplied, by collision or otherwise, before 
they can enter into reaction. There is every reason to believe that, in 
heterogeneous reactions, adsorbed molecules must be supplied with 
energy in an analogous way. 

This is evident when the mechanism of a heterogeneous reaction is 
considered in more detail. Molecules from the gas phase strike the 
surface. They may rebound or they may become attached to the sur- 
face and sojourn there for a period. 

One of two things may then happen. After a time they may re- 
evaporate. This depends upon their acquiring sufiBcient kinetic energy to 
carry them beyond the range of attraction of the surface forces. Escape 
may be rendered easier at certain times if the attractive force passes 
periodically through a minimum value as a result of internal changes 
both in the adsorbed molecules and in the molecules of the surface.* 

On the other hand, during their sojourn on the surface the adsorbed 

^ For the quantum-mechanical discussion of these processes see Lennard-Jones and 
others in a series of papers in Proc. Roy. Soc., A, 1935-8: e.g. Lennard-Jones and 
Strachan, ibid., 1935, 150 , 442; Lennard-Jones and Devonshire, ibid., 1936, 156 , 6, 29, 
37; 1937, 158 , 242, 253, 269; Lennard-Jones and Goodwin, ibid., 163 , 101. 
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molecules may undergo chemical change, consisting either in simple 
rearrangement or decomposition, or in interaction with adjacent mole- 
cules. 

In whichever of these ways the chemical transformation comes about, 
all the information about the nature of chemical change which has been 
derived from the study of reactions in the gaseous phase justifies the 
conclusion that the molecules must be activated by the acquisition of 
thermal energy considerably above the mean. This energy we may call 
the true heat of activation. 

The actual processes of molecular transformation in surface reactions 
cannot be fundamentally different from those in homogeneous reac- 
tions. Gas molecules come almost at once into thermal equilibrium 
with the surface on which they are adsorbed. Among them there is 
a distribution of internal energy, determined by the temperature of the 
surface. Although their internal configuration, and consequently their 
stability, is modified profoundly by the forces acting between them and 
the molecules constituting the surface, the adsorbed molecules form 
a system possessing a certain uniformity within its own bounds. A 
heterogeneous reaction may indeed be regarded as a homogeneous 
reaction in two dimensions instead of three. 

Serious confusion arises unless one thing is taken carefully into 
account. Only those molecules which are actually adsorbed are in a 
position to participate in the reaction. Velocity constants, however, 
are always calculated in terms of the total amount of gas in the reaction 
vessel. If we have to deal with a unimolecular reaction in a single 
phase, the velocity constant is equal to the fraction of the total number 
of molecules which reacts in unit time. Since all the molecules have 
an equal chance of being in the activated state, direct correlation 
between the velocity constant and the heat of activation may reason- 
ably be sought. In a heterogeneous reaction all the molecules have not 
an equal chance of being in the activated state. Only those which are 
adsorbed have this chance. 

Thus the only correlation which may reasonably be sought is one 
between the heat of activation and the velocity constant expressed, not 
as a fraction of the total number of molecules, but as a fraction of the 
number actually adsorbed at any moment. If is the observed 
velocity constant, calculated in terms of the total gas, and a is the 
fraction of the total gas which is actually adsorbed, then the ‘true’ 
velocity constant would be divided by a. This we may represent 
by the letter x- 
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We are now in a position to see the difference between the true 
and apparent heats of activation. The true heat of activation, Q, is 

«og*_ C 

dT Rf^’ 

while the apparent heat of activation is given by 

df RT^' 

Since the adsorption varies with temperature, a is not independent of 
T. E and Q are therefore not necessarily equal. 

Relation between the True and Apparent Heats of Activation, 

For simplicity we will assume that only one gas takes part in the 
chemical change. Unretarded reactions, and reactions retarded by the 
presence of their products, must be considered separately, because there 
are important differences between the results for these two classes. 

In dealing with the unretarded reactions it will be best to restrict 
ourselves to those in which the adsorption of the reacting gas is small, 
so that the amount adsorbed is proportional to the pressure. Further, 
in dealing with retarded reactions we shall assume that the adsorption 
of the retarding gas is sufficiently great for the free surface to be 
inversely proportional to its pressure. Such loss of generality as this 
method involves is not very serious, because, in the first place, very 
many reactions are found in practice to conform to the conditions we 
are supposing, and, in the second place, a more complete investigation 
of the most general case leads to results which are too complicated to 
apply to actual experimental data. 

We further assume that the rate of establishment of adsorption 
equilibrium at a given temperature is considerably greater than the 
rate at which the adsorbed molecules undergo the actual chemical 
change. 

1 . IJ nreiarded Reactions. 

Let a be the fraction of the active surface which is covered with 
adsorbed molecules of the reactant when the pressure in the gas phase 
is unity. 

The establishment of the adsorption equilibrium is rapid in com- 
parison with any disturbance of it due to the removal of the molecules 
in chemical change. Equating, therefore, the rate of evaporation and 
the rate of condensation we find an expression for a. 
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Rate of condensation on to the surface = a(l— a), where a is con- 
stant at constant temperature, but varies slightly with temperature. 

Rate of evaporation from surface ~ xa, where x is the rate of 
evaporation, at temperature T, for unit area of covered surface. 

Since evaporation can only take place when the adsorbed molecules 
acquire a definite amount of kinetic energy, directed away from the 
surface, we may express the variation of x with temperature in the form 

X — 


where 6 is constant, and A may formally be called the ‘energy of 
desorption’. 

Thus for equilibrium we have 

a(l — or) — 


Since a is small compared with unity, (1— a) is nearly equal to 1 ; hence 
a = where (7 is a new constant equal to a/b. 

If X is the true velocity constant of the reaction, per unit area of 
the catalyst actually covered, then the observed velocity constant, 
is proportional to 

Therefore A:oi,g = const, x^^ == const. 
but X = const. 

where Q is the true heat of activation. 

Therefore k^^^ — const. 

The constant varies but slightly with temperature — approximately as 
the square root of the absolute temperature. 


Thus 


~dT 


The apparent heat of activation is given by 

dlogk„^ _ E 
dT ~ BT^' 

Therefore E = Q~X. 


2. Betarded Reactions^ 

Let a be the fraction of the active surface covered with the retarding 
gas at unit pressure. Then the fraction left free is (1 — <t'), and of this 
let' a fraction a be occupied by the reactant when its concentration in 
the gas phase is unity. 

The adsorption equilibrium of the retarding gas is expressed as 
follows. QQndensation = o'(l— « t'), 
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a being small compaped with unity ; 

rate of evaporation — x'a\ 

where x' is the rate of evaporation at temperature T for unit area 
covered. 

By the same argument as before 

where A' is the ‘energy of desorption’ of the gas. 

Equating the two rates we obtain 

but now a is nearly equal to unity; therefore 

(1— a') = const, 

Further, for the reactant we have as before 

a — const. 


Now the observed velocity constant is proportional to the true 
velocity constant multiplied by (7(1— a'), since (1— a') is the fraction 
of the total active surface which is available for molecules of the re- 
actant, and a is the fraction of this fraction which is actually occupied. 

K-bs = const. ^e-^'lRTe+>4RT 

= const. 

== const. 


Therefore 


^ C+A'— A 
dT BT^ ' 


Comparing this with the equation 

^log*ob8_ E 
dT 

it follows that E — Q+A'— A. 


General Discussion of Temperature Coefficients of Heterogeneous 

Reactions. 

When the products of reaction exert no retarding influence, the 
apparent heat of activation is less than the true value by an amount 
A, which determines the variation with temperature of the adsorption. 

The existence of a marked retarding influence of the products has, 
on the other hand, the effect of increasing the apparent heat of 
activation. 

There is one important special case in which the apparent heat of 
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activation becomes equal to the trae value. This is when the surface 
is completely covered with the reactant over the whole range of tem- 
perature, and there is no retardation due to the presence of the products 
of reaction, o has the constant value unity, and the variation of the 
observed reaction velocity is due entirely to the changing rate of 
the actual chemical transformation. 

In general, since the adsorption is often too small to be measured 
directly, it is rather difficult to estimate the magnitude of the correction 
which should be applied to the apparent heat of activation. It may 
sometimes be very great. When the adsorption is quite small, for 
example when there is a simple first-order decomposition, it is possible 
that the energy changes accompanying adsorption are also small. The 
temperature coefficient of the number of molecules adsorbed would 
then be small compared with that of the actual chemical change. 

Direct measurement of heats of adsorption, however, reveals rela- 
tionships of some complexity.* The integral heat of adsorption of gases 
like hydrogen on metals such as nickel may amount to 10,000 or 20,000 
calories. Moreover, the differential heat of adsorption varies in a com- 
plicated manner. Since hydrogen itself is probably adsorbed, partly at 
leeist, in the atomic form, and the resolution is highly endothermic 
while the adsorption of the atoms is exothermic, and since different 
parts of the catalytic surface have different activity, the complexity 
of the thermal phenomena is understandable. 

In the absence of more detailed information about the actual magni- 
tude of the adsorption in specific instances, it is at least worth while 
to see what regularities, if any, reveal themselves when the apparent 
value of jB is used as an approximation for the true value. 

The natural line of inquiry is to study the progress of a given reaction 
on various catalytic surfaces, to determine the relative numbers of 
molecules adsorbed on each surface, and to seek a correlation between 
the heat of activation, using provisionally the apparent value as a 
sufficiently good approximation to the true value, and the velocity of 
change referred to equal numbers of adsorbed molecules. Unfortunately, 
almost all examples reveal unexpected complexities. For one thing the 
existence of centres of varying activity further complicates the inter- 
pretation even of direct measurements of adsorption. 

There is not, in general, any observable correlation between the 

♦ Beebe and Taylor, J. Amer. Chem. Soc., 1924, 46, 43; Fryling, J, Physical Chem., 
1926, 30, 818; Kiatiakowsky, Flosdorf, and Taylor, J. Amer. Chem. Soc., 1927, 49, 2200; 
Burk, J. Physical Chem., 19^8, 32, 1601. 
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apparent E and the reaction velocity, as is shown by the following 
example, which refers to the reaction HCOOH = Hg+COg. 


Surface 


Relative velocity 

Glass 

24,600 

0*05 

Gold 

23,500 

2 

Silver 

31,000 

2 

Platinum 

22,000 

100 

Rhodium 

25,000 

600 


Thus glass and rhodium give approximately the same value for the 
heat of activation, yet the reaction proceeds 10,000 times as rapidly 
on the rhodium surface. The lack of correlation is sufficiently 
evident. 

But it is not at all difficult to admit that the number of molecules 
adsorbed on parts of the glass surface possessing catalytic virtue may 
be ten thousand times smaller than the number which rhodium can 
accommodate. 

If sufficient confidence is felt, on general grounds, in the existence 
of an exact correlation of the kind we have been seeking, then these 
results could be used in a converse manner to calculate the relative 
numbers of formic acid molecules accommodated by various surfaces. 

A similar lack of correlation between the observed rate of reaction 
and the value of E was found by Kunsman* for the decomposition of 
ammonia on various catalysts. 

A second possibility of revealing a correlation presents itself in the 
study of alternative reactions. 

Formic acid decomposes in the two ways: 

^HgO+CO (2) 

Both of these reactions take place simultaneously on the surface of 
glass. 

If molecules of formic acid can be adsorbed in two distinct ways on 
the surface of glass, and if reaction (1) and reaction (2) are respectively 
characteristic of the two modes of adsorption, then we are virtually 
dealing with two different catalysts, and the situation is not very 
different from the one which we have already discussed. But if, as we 
might perhaps have expected, there were only one mode of adsorption, 
and decomposition of the formic acid molecules in one or other of the 
alternative ways were governed purely by some internal probability, 

♦ J. Amer, Chem. Soc„ 1928, 50, 2100. 
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then we should be justified in looking for some connexion between the 
heat of activation associated with a given mode of decomposition and 
the relative probability of its occurrence. 

On the surface of glass, in the neighbourhood of 280^0., the two 
alternative reactions take place with nearly equal speeds, yet the heats 
of activation are very different.* Eqq, the heat of activation associated 
with the decomposition into carbon monoxide and water, is about 
16,000 calories, while JE^co, is about 28,000 calories. If the numbers of 
molecules which are activated for the two possible reactions are 
proportional respectively to and and if, moreover, 

there is any connexion between the chance of the molecules becoming 
activated and the occurrence of a given transformation, then the re- 
action yielding carbon monoxide should predominate over the com- 
peting reaction to an overwhelming extent. The ratio of the rates of 
the two reactions should be e~ 28 ,ooo//?T divided by gQ 

about molecules should split up into carbon monoxide and water 
for every one splitting up into carbon dioxide and hydrogen. But 
the numbers of molecules decomposing in the two ways are roughly 
equal. 

This result shows that the values of the energies of activation are 
not by themselves sufficient to determine the course of the chemical 
transformation . 

Thus the assumption that there is only one way in which the mole- 
cules of formic acid can be attached to the surface of the catalyst is 
probably not admissible. There is, indeed, evidence against the assump- 
tion. Constable! found that the two simultaneous reactions undergone 
by allyl alcohol when passed over heated copper were differently in- 
fluenced by the physical state of the catalyst. This points to the 
conclusion that there are two independent centres of activity on the 
catalyst surface with two different modes of adsorption, or, at any 
rate, centres where the energy of adsorption is so different that 
different reactions are facilitated. Hoover and RidealJ find that the 
two alternative decompositions of ethyl alcohol by thoria show a 
different behaviour towards poisons, which points to the same con- 
clusion. 

The heterogeneous decomposition of nitrous oxide in contact with 
a heated gold wire is interesting, though undoubtedly rather excep- 

* Hinshelwood, Hartley, and Topley, Proc, Roy. Soc.^ A, 1922, 190, 675. 
t Proc. Roy. 8oc., A, 1926, 113, 264. 
t J. Amer. Chem. Soc., 1927, 49 , 104. 
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tional. The reaction. is unimolecular with respect to nitrous oxide. The 
heat of activation, obtained from the temperature coefficient of the 
reaction velocity, is 29,000 calories. 

If we assume the very simple decomposition mechanism that nearly 
all the molecules of nitrous oxide which strike the wire and acquire 
from it energy greater than E can decompose, then we have 

number of molecules reacting in unit time _ -eirt 
number of molecules striking the wire in unit time 

From this equation a value of E equal to 30,000 calories is found. 
This is in rather striking agreement with the value found from the 
temperature coefficient. It would appear that the course of the reaction 
could be explained by the supposition that every molecule striking the 
wire in an appropriate manner reacts forthwith. But this is only a 
possible explanation. It is by no means necessarily the correct one, 
and it is certain that so simple a mechanism could not be made to 
explain all, or even many, other heterogeneous reactions. It seems 
clear that, in genera], actual sojourn of the molecules on the surface 
is necessary, and this applies a fortiori when reaction depends upon the 
interaction of two or more species of molecules. Schwab and Pietsch* 
find that the thermal decomposition of methane at the surface of a hot 
wire is very much more rapid than could be accounted for by the 
number of methane molecules striking the wire with the appropriate 
kinetic energy of translation. This supports the conclusion that the 
methane molecules actually sojourn on the wire and derive energy from 
the atoms constituting the surface. 

In a zero-order reaction the true and apparent energies of activation 
are equal. If we assume that the number of molecules, n, on each 
square centimetre of the surface is equal to that for a close-packed 
layer, then for the number reacting per square cm. per sec. we shall 
have where n is known. 

It has been pointed out by Topley f that when the adsorbed molecules 
are simple, such as ammonia or nitrous oxide, then it may be reasonable 
to assume that every molecule decomposes within an interval 1/f of 
receiving the activation energy from the underlying solid, / being 
simply the atomic vibration frequency of the solid. Taking / as 10 ^®^ 
he finds that the calculated rate agrees with the observed rate quite 
well for a number of zero-order reactions taking place on metallic 
wires. 


Z. phyHkal. Chern,, 1926, 121, 189. 


t Nature, 1931, 128, 115. 
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Reaction Number of molecules reacting 



obs. 

calc. 

NH 3 on W 

4X101’ 

4x101’ 


2 xl 0 i» 

13X101® 

NH 3 on Mo 

5-20x101® 

2 X 101® 

Dissociation of Pt(CO) 

4x101* 

2 x 101 * 


complex 


These results show that there is a deep-seated analogy in statistical 
character between the simplest type of heterogeneous reaction and the 
simplest type of homogeneous reaction. 

Topley also shows that the calculation can be extended to first-order 
reactions if we are prepared to calculate the number of adsorbed mole- 
cules from the heat of adsorption, using the Boltzmann principle (page 
40). The only energy entering into the final formula is then the 
apparent heat of activation, so that the difficulty referred to above may 
be circumvented. In one or two examples, such as the decomposition 
of hydrogen iodide on platinum, this procedure gives the correct order 
of magnitude for the absolute rate of reaction. 

These results are important in that they show that in some examples 
the absolute reaction rate at least approximates to that which would 
follow from mechanisms of ideal simplicity. 

As explained at the outset, all the foregoing discussion applies in the 
first instance to those reactions in which the rate of establishment of 
adsorption equilibrium is great compared with the rate of the actual 
chemical change of the adsorbed molecules. When we have to deal 
with examples where ‘activated adsorption’ occurs the matter must be 
approached in a somewhat different way. 

Let us consider the ideal case of a reaction 

X 2 +F 2 - 2Z7, 

catalysed by a surface consisting of an array of M atoms. It would 
be possible for the adsorption of Xg to be the rate-determining process. 
The molecule Xg, on being taken up by the surface, might bo resolved 
into X atoms, with the formation of M-X linkages instead of X-X 
linkages. For this to occur a considerable contribution of activation 
energy might have to be supplied by the Xg molecule, the adjacent 
M atoms, or all jointly. The reaction between the M~X systems and 
the Fg molecules might now occur with great readiness. The tempera- 
ture coefficient of the whole reaction would be governed by the heat 
of activation of the adsorption process. 
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In the more general case where the rates of adsorption of two sub- 
stances are of the same order of magnitude, and where the rate of 
interaction of the adsorbed substances is comparable with the rate 
of adsorption, extremely complex relationships will be found. If to 
these complications are added those due to the retarding action of the 
products of the change, and the var 5 ring activity of different parts of 
the surface, the difficulties of analysis become almost insuperable. 

What would be interesting would be to collect a number of examples 
where the rate of the total chemical change could be shown equal to 
the rate of adsorption of one of the reacting gases, and then to seek 
a correlation between the ‘heats of activation of adsorption’ and the 
rates. 

C6mparison of Homogeneous and Catalysed Reactions."^ Influence of 

the Catalyst on the Heat of Activation. 

A heterogeneous catalyst may influence a reaction in two ways. It 
may modify the mechanism of the reaction by allowing it to proceed 
along a path which would not be possible for the homogeneous change, 
and it may also facilitate the change by lowering the energy of activa- 
tion. This second influence will only be detectable under such condi- 
tions that the true and apparent heats of activation are nearly equal. 
Reactions which are markedly retarded by their products are thus ruled 
out of consideration. 

We will discuss the problem by reference to the three reactions: 

2N2O = 2N2+O2, 

2HI = H2~|-l2, 

2NH3 ==. N2+3H2. 

The first two reactions have been proved experimentally to depend 
upon collisions in the gaseous phase. The homogeneous decomposition 
of ammonia has not been measured, but it seems very probable that 
it would resemble the others in this one respect at least. 

The modification of the reaction path is obvious when we consider 
that the thermal decomposition of nitrous oxide or of hydrogen iodide 
on the surface of platinum or of gold takes place in a manner indepen- 
dent of collisions. The metal surfaces seem to act in virtue of their 
affinity for free atoms. The nitrous oxide decomposition appears, for 
example, to occur in the stages NgO = Ng+O; and 0-f 0 == Og. The 

• Hinshelwood and Prichard, J. Chem. Soe., 1926, 127 , 327, 1662; Proc. Boy. Soc., 
A, 1924, 106 , 284; Hinshelwood and Burk, J. Chem. Soc., 1925, 127 , 1106, 2896. 
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metal surface acts as a temporary abode for oxygen atoms until they 
encounter others of their kind and evaporate. It is quite possible even 
that a permanent film of atomic oxygen exists on the metal, unless the 
latter has been heated in a vacuum to a high temperature. This film 
would be a very effective agent in removing the oxygen atoms from 
the NgO molecules, and giving rise to oxygen molecules in the process. 

The homogeneous decomposition of nitrous oxide depends ujjon col- 
lision and has an activation energy of about 58,000 calories. The heats 
of activation associated with the transformations on the surface of 
platinum and of gold are 32,500 calories and 29,000 calories respectively. 
Thus the homogeneous reaction demands activation to a total extent 
of about 58,000 calories, while the heterogeneous transformations de- 
mand activation to the extent of about half this amount only. The 
catalysts may therefore be said to reduce the energy of activation, but 
of course they do this in the rather indirect way of changing the whole 
reaction mechanism. 

The values 32,500 and 29,000 for the heats of activation are uncor- 
rected for the change with temperature of the number of molecules 
adsorbed, and this obviously detracts from the conclusiveness of the 
results. In the other two instances which we proposed to discuss this 
uncertainty can, fortunately, be eliminated, or at least considerably 
reduced. 

As we found in an earlier section, there is one type of catalytic 
reaction in which the observed heat of activation does not require 
correction for the changing adsorption of the reactant, namely, reac- 
tions of zero order. In these the surface of the catalyst is completely 
covered with adsorbed molecules, and, so long as increase of tempera- 
ture does not cause the reaction order to change from zero, the number 
of molecules participating in the reaction may be regarded as constant. 
So long as this condition is fulfilled there seems no good reason for 
doubting that the observed heat of activation is a measure of the energy 
required to enable the adsorbed molecules to enter into reaction. It is 
a real measure of the molecular stability. 

The decomposition of hydrogen iodide on the surface of gold, and 
the decomposition of ammonia on the surface of tungsten, nearly con- 
form to the condition. 

For the hydrogen iodide decomposition the heat of activation is 
25,000 calories. This is very considerably lower than the value 44,000 
calories associated with the homogeneous reaction. 

It is instructive to compare with this the heat of activation which 
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the hypothetical uninwlecvlar homogeneous reaction would possess. 
From the known thermochemical data we have 

2HI == cals., 

Hg = 2H— 103,000 cals., 

Ig = 21—36,000 cals., 

whence HI = H+I~71,000 cals. 

Thus the minimum activation would be 71,000 calories. 

It is probable that the actual mechanism of the surface decomposition 
is unimolecular, but, the observed order of the reaction being zero, we 
cannot tell whether the molecules decompose singly or by interaction 
with their neighbours. The catalytic decomposition of hydrogen iodide 
on the surface of platinum can actually be shown to be unimolecular. 
The heat of activation in this instance is even lower (14,000 cals.), but 
is again subject to the same uncertainty as the values for the unimole- 
cular reactions of nitrous oxide. 

The homogeneous decomposition of ammonia, being immeasurably 
slow even at temperatures in the region of 1,000° C., must have a heat 
of activation greater than 70,000 or 80,000 calories. The heterogeneous 
decomposition on the surface of tungsten has a heat of activation of 
39,000 calories. 

We may conveniently summarize these various relationships in the 
form of a table. 

Reaction. 

Thermal decom- 
position of 
Hydrogen iodide 
Nitrous oxide 

Ammonia 


Total activation 
required for the 
homogeneous change 
44,000 
68,500 

probably 
> 80,000 

* Plus correction, 


Total activation 
required for the 
heterogeneous change 

26.000 (gold) 

29.000 (gold)* 
32,600 (platinum)* 

39.000 (tungsten) 


The function of the surfaces in these examples seems thus to be to 
replace the collisional activation process by a process with an energy 
of activation only about half as great, f 


Reactions in which the Retarding Effect of the Products is marked. 

The relation between the true and apparent heats of activation is 
given by the equation 

^app = ^true+A'— A. 

t The extent to which the metal catalysts are active in virtue of atomic aims or 
even oxide layers does not affect the truth of these energy considerations* 
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In considering the interaction of carbon monoxide and oxygen on 
the surface of platinum, a reaction which takes place at a rate inversely 
proportional to the pressure of the carbon monoxide, Langmuir* as- 
sumed that the change with temperature of the reaction velocity was 
entirely due to the variation in the rate of evaporation of carbon 
monoxide molecules from the retarding film. This assumption was 
equivalent to equating He speaks, therefore, of the ob- 

served heat of activation, 31,800 calories, as the ‘heat of evaporation 
of the adsorbed carbon monoxide’. This cannot be absolutely correct 
in principle, although in special instances A' may be large compared 
with the other terms. In the example which Langmuir was studying 
the assumption is to some extent justified by the circumstance that at 
higher temperatures, when the platinum surface becomes almost de- 
nuded of adsorbed molecules of the monoxide, the rate of reaction is 
very great and practically determined by the rate at which the mole- 
cules can come into contact with the surface. Under these conditions, 
moreover, the rate of reaction becomes almost independent of tem- 
perature. This shows, probably, that J^tme small compared with A'. 
In general, however, both terms will be of considerable importance. 
This means that retarded reactions will tend to have rather high tem- 
perature coefficients, the analysis of which will be difficult. 

The decomposition of ammonia on the surface of platinum takes 
place at a speed which is inversely proi)ortional to the pressure of the 
hydrogen present. The combined influence of the two terms E and A' 
produces an apparent heat of activation of more than 100,000 calories. 
This is in striking contrast with the value of .Eij-uo, 39,000 calories for 
the unretarded reaction on the surface of tungsten. The decomposition 
of ammonia on molybdenum is of zero order, but retarded by nitrogen; 
the value of E according to Burk is 53,200 calories. Kunsman finds 
32,000 calories only. Here the eflFect of the retardation by nitrogen 
seems to be quite marked, and, moreover, variable. 

The Nature of Catalytic Surfaces, 

We have hitherto given most of our attention to the adsorbed mole- 
cules of the reactant. We must now consider more closely the part 
played in catalytic phenomena by the nature of the surface itself. The 
question to be solved is, in its simplest terms, what the catalyst does 
to the adsorbed molecules to influence their stability. 

The first step in the elucidation of this difficult problem is to ascertain 

* Trans, Fa/raday Soc., 1922, 17, 621. 


4072 
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whether the whole surface of the catalyst is uniformly active. We have 
already referred to the view expressed by Taylor* that only a small 
fraction of the total surface is necessarily active in catalysing a given 
reaction, and, moreover, that this fraction is a function, not merely of 
the surface itself but of the reaction catalyiped. The centres which are 
active in respect of one reaction may be quite inactive in respect of 
another, although the surface, regarded as a whole, catalyses both 
equally well. 

This theory is based upon evidence of several different kinds. First, 
the ease with which catalytic activity can sometimes be destroyed by 
heating is considered by Taylor himself to indicate that a very active 
surface is still far from possessing the completely regular arrangement 
of atoms which is characteristic of the true space lattice of the solid. 
He supposes that there exist, at the surface of the solid, groups of 
atoms in varying degrees of saturation. Some groups are part of the 
completed lattice, while others consist of small numbers of atoms rising 
in the form of peaks from the surface. In extreme cases there may be 
isolated atoms attached to the main groups by a single valency only. 
On these isolated peaks several molecules of a gas might be adsorbed, 
instead of the single molecule which could be held by an atom in a 
normal space lattice. The effect of heat on a catalyst with this surface 
structure would be to bring about a more regular arrangement of the 
atoms and thereby destroy the active peaks. 

Whether or not this picture of the surface is a legitimate one, it 
must be remarked that the destruction of catalytic activity by heat is 
only observed in the case of finely divided solids, and here it can be 
equally well explained by supposing that heating brings about a diminu- 
tion of the total surface. 

Other and more conclusive evidence about the existence of active 
centres, whatever their nature may be, is, however, available. Catalytic 
poisons sometimes destroy the activit}^ of a surface towards a particular 
reaction without reducing the total adsorption of the reacting sub- 
stances to anything like a proportionate extent. Taylor quotes some 
experiments of Pease, in which quantities of carbon monoxide quite 
insufficient to displace all the hydrogen or ethylene from a copper 
catalyst completely inhibited the reaction between these two gases. 

An even more remarkable fact is that catalysts may be ‘poisoned’ 
with respect to one reaction while retaining their activity with respect 
to other reactions. Vavon and Husonf found that the hydrogenation 

• Proc. Boy. Soc., A, 1926, 108, 105. t Oompt. Rend., 1922, 175, 277. 
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of propyl ketone in presence of colloidal platinum was inhibited by 
amounts of carbon disulphide insufficient to prevent the hydrogenation 
of piperonal and nitrobenzene. Further amounts of carbon disulphide 
stopped the hydrogenation of piperonal but not that of nitrobenzene. 

Another instance of the same curious phenomenon can be cited. 
Hydrogen has a most pronounced inhibiting effect on the thermal de- 
composition of ammonia at the surface of a heated platinum wire. On 
the other hand, it is found to be almost without influence on the decom- 
position of hydrogen iodide on the surface of the same wire, and actually 
at a lower temperature. This cannot be explained by the assumption 
that the hydrogen iodide displaces the hydrogen while the ammonia 
is unable to do so, for the decomposition of hydrogen iodide is of the 
first order under these circumstances, and this indicates that its adsorp- 
tion is but small. Similarly, carbon dioxide has practically no effect on 
the rate of decomposition of nitrous oxide in contact with platinum, but 
can exert a very pronounced inhibiting action on the water-gas reaction. 

The observation of Burk has already been mentioned, namely, that 
the rate of decomposition of ammonia on molybdenum, although re- 
duced by the presence of nitrogen, does not approach zero as the surface 
becomes saturated with nitrogen. This is easily interpreted in terms 
of the theory of centres of different activity; but there is also the 
possibility that the nitrogen film itself has some catalytic activity. 
The possibility that unimolecular gas films on surfaces may themselves 
be the catalysts in certain reactions should not be ignored, and in many 
examples would provide an alternative to the hypothesis of non-uni- 
formity of the surface. But the cumulative evidence for this latter 
assumption is strong. 

Maxted and Lewis, however, find no evidence from a quantitative 
study of the poisoning of platinum by mercury ions that its catalytic 
surface is other than uniform in the decomposition of hydrogen per- 
oxide. In particular, the activation energy is independent of the amount 
of poison over a considerable range: this would not be expected if 
centres of varying activity were progressively poisoned. 

A further detailed study of the energetic homogeneity of various 
surfaces for various reactions was also made by Maxted and others, the 
results indicating a greater degree of uniformity than might have been 
expected, f 

* J. Chern, Soc., 1933, 602. 

t Maxted and Stone, ibid., 1934, 26, 672; Maxted and Moon, ibid., 1935, 393, 1190; 
1936, 635. 
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Turning now to evidence from a different field of observation, the 
heat of adsorption of oxygen by charcoal was found by Garner and 
Blench* to be as much as 220,000 calories for the first amounts of 
oxygen taken up, and less for subsequent amounts. The initial value 
is very much greater than the heat of combustion of solid carbon. Since 
solid carbon has a very great latent heat of vaporization, the heat of 
combustion of gaseous carbon is very great. Thus those carbon atoms 
which adsorb the first traces of oxygen are apparently in a state half- 
way between that of solid carbon and that of vaporized carbon. This 
seems to agree with Taylor’s picture of a surface with atoms in varying 
degrees of saturation. 

In some reactions the relative degrees of adsorption of different gases 
which have to be postulated for the purpose of interpreting the kinetics 
of the reactions seem to bear no relation to the measured degrees of 
adsorption on the surface as a whole. 

These various observations, revealing the potential complexity of at 
least some catalytic surfaces, do not render necessary any appreciable 
modification of what we have said about the actual kinetics of hetero- 
geneous reactions. There is, moreover, no reason why sometimes tlie 
whole surface may not be uniformly active. In the general case, how- 
ever, we must be prepared to recognize that, even in respect of one 
given reaction, a surface may present centres of various degrees of 
activeness. The kinetics of a reaction taking place on such a surface 
would be almost the same as on a surface of uniform structure, except 
that the quantitative relations between reaction rate and pressure 
would not be so clear-cut. Since, however, the simple formulae derived 
from theory seldom apply with complete numerical exactness, this does 
not really introduce anything new. 

The actual spacing of the atoms in the solid catalyst has a very 
pronounced influence on the catalytic activity.! The evidence for this 
is of two kinds. 

Adkins and Nissen,! for example, found that alumina prepared in 
different ways exhibited very varying catalytic activity towards the 
decomposition of formic acid. This could hardly be due simply to the 
different surface areas of the several preparations, since the variation 
was not confined to the total speed of reaction but affected also the 
relative speeds of the two alternative decompositions which formic acid 

♦ J. Chem. Soc,, 192^4, 126 , 1288. 

t Langmuir, Trans. Faraday Soc., 1922, 17 , 607 ; W. C. McC. Lewis, ibid., 061 ; Bunn, 
Proc. Boy. Soc., A, 1933, 141 , 567. 

X J. Afner' Chem. Soc,, 1923, 45 , 809. 
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undergoes. Moreover, the apparent heats of activation varied from one 
kind of alumina to another. 

They found analogous results for the catalytic reactions of various 
alcohols and esters on surfaces of material prepared in different ways.* 

Palmer and Constablef found that the catalytic activity of copper 
towards the dehydrogenation of alcohols depended upon the tempera- 
ture at which the copper had been reduced from its oxide in prepara- 
tion, and that the heat of activation likewise depended on the method 
of reduction of the copper. 

The activity of many catalysts increases with the number of times 
that they have been used to bring about a given reaction. There is no 
absolutely conclusive proof that this is not due to an actual increase 
in the total surface, but in certain instances it is so i)ronounced and 
happens so quickly that it seems more easily attributable to a change 
in the configuration of the surface. 

Rather closely connected with this question of surface configuration 
is that of the so-called 'promoter action ’.J The essential fact about 
this phenomenon is that a composite surface may possess catalytic pro- 
perties of which the constituents are quite devoid. If a metal M forms 
a solid solution with another metal N, then at the interface MjN the 
forces exerted on an adsorbed molecule will be quite different from 
those which are exerted on a molecule adsorbed on either M or N 
separately. 

Thus far attention has been given to the nature and spacing of the 
points on the surface to which the molecules of the adsorbed substance 
attach themselves. We will now regard the matter in the light of a 
principle of great importance, namely, the orientation of molecules in 
surface layers. 

The effect of orientation is illustrated in an interesting manner by 
some experiments of Palmer and Constable§ on the rate of dehydro- 
genation of alcohols in presence of metallic copper. Primary alcohols 
appear to be adsorbed with the — CHgOH group attached to the cata- 
lyst. The hydrogen is lost from this group in the chemical change, so 
that it appears reasonable to suppose that this is the portion of the 
molecule which must be activated. The hydrocarbon chain, therefore, 
would not be expected to have much influence on the process, and it 
was indeed found by experiment that the rates of reaction of five 

* J, Amer, Chem. Soc., 1924, 46, 130. t Soc., A, 1924, 106, 250. 

J Compare Tayior, J, Physical Chem., 1924, 28, 915 (other references there) ; Hurst 
and Rideal, J. Chem. Soc., 1924, 125, 685; Griffith, Contact CatcUyaia, Oxford, 1936. 

§ Proc. Roy. Soc., A. 1926, 107, 266. 
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primary alcohols are equal. Moreover, the temperature coefficients of 
the reaction velocity are also equal. 

Burk* has laid much stress on the possibility that a molecule might 
be attached to a surface at more than one point, whereby a distortion, 
or partial separation of its atoms, is produced. Ammonia, for example, 
might be held to the surface of a metal by a hydrogen atom and a 
nitrogen atom simultaneously. Such a distortion is thought of as lower- 
ing the heat of activation and facilitating decomposition. This idea has 
been developed by Balandin into a theory of ‘multiplet’ adsorption. | 

The orientation of molecules at interfaces is closely connected with 
the phenomenon of boundary potential differences. To quote from 
Hardy, J the interfacial region ‘has a configuration or structure which 
is intrinsically unstable at the given temperature and pressure, and 
acquires stability only by the intervention of the forces at the interface. 
Moreover, the (boundary) phase is the seat of an electric field of pro- 
digious intensity’. This is a principle which cannot be ignored in rela- 
tion to chemical transformations at catalytically active surfaces. 

It is connected, on the one hand, with the view that adsorption is 
governed to a great extent by the ‘dipole’ character of the adsorbed 
substance, and, on the other hand, with the theory that there is a close 
relationship between chemical change and ionization. With regard to 
the first, the balance of evidence seems to show that dipole forces are 
not of primary importance in determining adsorption. § Finch and 
Stimson,|| following up some earlier work of H. Hartley,** have shown 
that gases such as oxygen, hydrogen, carbon monoxide, carbon dioxide, 
and steam impart electrical charges to hot metal surfaces. But whether or 
not the charged molecules adsorbed on the surface have any connexion 
with chemically active molecules, or whether the thermionic phenomena 
are quite independent, is hard to say. The answer given to this question 
would probably depend upon the attitude adopted to the more general 
question of the relation between ionization and chemical reaction. On 
the whole it is probable that the connexion is not an essential one. 

It must not be forgotten that a purely ‘chemical’ view of surface 
action has its advantages. If we regard molecules of hydrogen, adsorbed 
on the surface of an active nickel catalyst, as held by single valency 

* Burk and Gillespie, Proc. Nat. Acad, Sci., 1928, 14, 470. 

t For references to this work and a summary see J. C. W. Frazer, ‘Eighth Report 
of the Committee on Contact Catalysis*, J. Physical Chem., 1930, 34, 2129. 

t ‘Chemistry at Interfaces*, J, Chem. Soc,, 1925, 127, 1207. 

§ Cf. Polcmyi, Trans. Faraday Soo., 1932, 28, 316 (Adsorption Discussion). 

11 Proc. Roy. Soc., A, 1927, 116, 379. Ibid., A, 1914, 90, 61. 
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bonds to the atoms of nickel we are already taking a very definitely 
chemical view of the matter. The system we are considering differs 
from a hydride of nickel only in that the nickel remains attached to 
the surface instead of being carried away into the gas phase. Under 
these circumstances we can only expect catalytic phenomena to be of 
an extremely specific nature. 

At this stage the question of ‘activated adsorption’ comes to the fore. 
In this one of the energetically most important steps in the whole chemical 
reaction is the initial association of one of the reacting substances with 
the adsorbent. Here, very definitely, we have an approximation to the 
formation of a sort of two-dimensional intermediate compound. 

Langmuir pointed out that the adsorption of such gases as oxygen 
and hydrogen by metals is probably accompanied by the resolution 
of the molecules into atoms. This production of atoms naturally has 
the effect of enhancing the reactiveness of the gases. It also renders 
possible the occurrence of such reactions as NgO = Ng+O (ads.) or 
NgO-f-O (ads.) = N2+O2, which provide mechanisms with lower activa- 
tion energy than the homogeneous collision reactions. It should be 
mentioned that the experiments of Gauger,* Wolfenden,t and Kistia- 
kowskyj on the critical potentials of adsorbed hydrogen and nitrogen 
seem to provide direct evidence that these gases are taken up by metal 
surfaces in the atomic form. 

In the exploration of the question of the part played by dissociation 
mechanisms in heterogeneous reactions — and analogy with homo- 
geneous reactions, where atomic and radical mechanisms have proved 
to be common, would lead one to expect this part to be an important 
one — the use of para-hydrogen and of deuterium has been of great 
help.§ By measurement of the relative ease of para-hydrogen conver- 
sion and of hydrogenation of a substrate, or by the observation of the 
relative ease of para conversion and of deuterium-hydrogen exchange, 
evidence can often be obtained about the rate determining steps in 
catalytic processes. For the catalytic exchange between deuterium and 
ammonia the following two schemes have been suggested: 

D2 = D+D D2 = D+D 

D+NH3 == NH2D+H NH3 - NH2+H 

H+D = HD D-f NH2 - NH2D 

H+D = HD 

* J. Amer. Chem. Soc., 1924, 46, 674. t ^roc. Boy. Soc., A, 1926, 110, 464. 

t J. Physical Chem., 1926, 30, 1356. 

§ See Melville, Ann. Rep. Chem. Soc., 1938, 70. 
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The rate of the ortho-deuterium conversion being much greater than 
that of the exchange reaction, it follows that there will always be D 
atoms available and that the D 2 dissociation is not the rate-determining 
step. Farkas has given evidence that the process goes by way of the 
ammonia dissociation. 

In spite of the specific nature of catalytic phenomena it is difficult 
not to form the impression — although this may be illusory — that homo- 
geneous reactions in general take place much less readily than surface 
reactions, and the question always obtrudes itself whether the operation 
of some general cause is not superimposed on the various specific 
influences. 

When two or more molecules must interact, their encounter is ob- 
viously facilitated by a more or less prolonged sojourn of one of them 
on a surface. It is not difficult to believe that adsorption in adjacent 
positions on a surface comes about more often than an appropriate 
encounter of the molecules moving at random in the free state. Born 
and Weisskopf * developed this view of the matter still further in a 
quantum -mechanical theory of surface catalysis. The idea underlying 
their theory can be illustrated by an analogy. In a homogeneous 
collision reaction two molecules must meet possessing the energy of 
activation; quantum -mechanically there is a finite probability of trans- 
formation whether they possess this energy or not. But during the 
short time of a collision the probability is vanishingly small unless 
the energy is practically equal to or greater than the activation energy. 
When adsorbed on a surface the sojourn of molecules in proximity to 
one another is long enough for the probability of transformation to 
attain a finite value. The theory is thus a combination of the old 
chemical idea that the surface keeps in proximity molecules which 
otherwise would have little opportunity to react, and the principle 
underlying the Gamow theory of radioactive change with its extensions 
to the spontaneous chemical changes in molecules. Born and Weisskopf 
took an idealized picture of a molecular rearrangement, namely, two 
mass points acting on each other with forces and capable of existing 
in two positions of stable equilibrium at different separations. Thus 
there will be two sets of states corresponding to various energy levels 
of the initial and final products of the quasi-chemical rearrangement. 
If there were no interaction between the two sets of states the Schr5- 
dinger equations for them would be independent, but a perturbation 
term is introduced on account of the mutual potential energy of the 
* Z. phyHkal, Chem., B, 1931, 12, 206. 
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atoms and the crystal surface on which they are assumed to be ad- 
sorbed. When there are two energy levels, one in the initial set and one 
in the final set, which correspond, transition by quantum-mechanical 
resonance occurs. The exact correspondence of energy would be ex- 
tremely unlikely without the crystal surface, which may act in one of 
two ways. It either takes up itself the difference between the two 
energies, or it makes the transition possible in virtue of the strong and 
variable mutual potential energy between atoms and surface. A rather 
elaborate calculation leads to the result that the probability of transi- 
tion depends very markedly on the displacement which the atoms have 
to suffer in the process. If this is of the order of 0*5 A. it appears that 
the transformation can occur in a few seconds. Born and Weisskopf* 
remark that this picture of adsorption catalysis is not the only possible 
one: ‘lowering of the energy threshold, resolution of chemical linkages 
under the influence of the adsorption forces, intermediate reactions 
with the atoms of the surface, etc., may be essential factors.’ The 
experimental evidence does indeed seem to show that all these factors, 
and especially the first, are in fact of great importance. How much 
room this leaves for the operation of the quantum-mechanical leakage 
phenomenon is a diflicult question. Up to date specifically quantum- 
mechanical theories have not proved of great help. 

This brings us back once again to the possibility that the appearance 
of a general reduction in molecular stability accompanying adsorption 
on surfaces is illusory, and that the stability of molecules is increased 
as often as it is diminished. When the stability happens to be increased 
or the reactivity diminished, naturally no effect is observed. That some 
heterogeneous catalyst can be found for almost any reaction is perhaps 
only in accordance with probability. From the nature of the case it 
is only those examples where positive specific influences exist which are 
noted and which contribute to the impression of a general influence. 
If the specific influences alone are operative, further progress depends 
upon the solution of the wider problem of the general relation between 
mode of chemical union and properties. In the meantime, by empirical 
means, a special inorganic and organic chemistry of interfaces is being 
built up. 



IX 

SOME GENERAL ASPECTS OP CHEMICAL KINETICS 


In this chapter we shall deal with some very general aspects of chemical 
kinetics: attention will no longer be confined to the gaseous state. 
Indeed part of the discussion will bear upon the relation of gas reactions 
to reactions in the condensed phase. In many respects the differences 
between them are not fundamental. This being so, certain general 
matters are now conveniently illustrated by examples taken from among 
the greater abundance of material relating to reactions in solution. 

The first matter to be considered is the light which the statistical 
mechanical theory of equilibrium can throw on problems of reaction 
velocity. 

The Transition State Method of expressing Reaction Rates, 

In a chemical reaction there must be a stage at which the identity 
of the initial substances is just merging into that of the products. This 
is called the transition state. To define it fully we, naturally, must 
specify the energy of the system and the configuration of all the atoms 
constituting it. Geometrically and dynamically there are two equi- 
valent ways of doing this. First, we may bring the reacting molecules 
up to a defined distance from one another, orientate them correctly, 
and stretch or compress any linkages as required ; we also specify the 
total energy and any conditions about its distribution. This is equi- 
valent to specifying the need for the appropriate encounters, the activa- 
tion energy, and the other geometrical and energetic conditions which 
must be fulfilled. If these factors are all known we can calculate the 
reaction rate from an equation of the form 

Secondly, instead of specifying what we do to the reacting molecules 
to bring them into the transition state, we may suppose the transition 
state to be attained already and specify its properties as though it were 
a molecule with an independent existence. Unless, of course, the result 
of the two specifications is the same, a mistake must have been made 
in one or the other, because there is no difference except in the order 
in which the descriptions have been made. 

Regarding the transition complex as a molecule, we may use the 
general statistical mechanical result (page 34) to write down the equi- 
librium constant 

X — transition complexes 

product of concentrations of reactants’ 
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It is given by 

_ product of partition functions for active complex ^ ^^eirt 
product of partition functions for reactants 
where E is the activation energy, which here corresponds to the energy 
of formation of the transition complex. 

The rate of reaction must be projjortional to this K, and the study 
of its form may be very illuminating from the kinetic point of view. 

To find the multiplying factor which gives the absolute rate of 
reaction the following argument is used.* The transition complex is 
regarded as a molecule which is normal except in respect of one co- 
ordinate along which it suffers disruption into the products. This degree 
of freedom may be Regarded as a weak vibration, the partition func^tion 
for which is nearly enough given by kTjhv. This term is first factorized 
out of the expression for K given above. If we assume that the complex 
breaks up at the end of each vibration giving products, then the rate 
of formation of products is v times the concentration of transition 
complexes. 

Thus we have: 


reaction rat/C constant 


product of partition functions for active complex, omitting one kT -jf/at 
product of partition functions for reactants hv 

L „ ^TIJ/a) ^ ^ ^ ^-EIRT 

n (/reactants) A 


This assumes that all the transition complexes pass into products. 
For generality the above expression can be multiplied by what Eyring 
calls a transmission coefficient, which he takes as unity, and which 
Evans and Polanyi take as |. This assumption about the transmission 
coefficient is not really quite self-evident, and may not in general be 
true. One may, however, accept it tentatively. 

If, now, we are in a position to write down the partition functions 
for the activated state, then, in principle, we can calculate the reaction 
velocity in absolute measure, just, of course, as we can if we are able 
to write down the collision number and multiply it by the chance of 
the appropriate orientations and internal conditions. Unfortunately 
we are seldom in a position to do either of these things. Nevertheless 
consideration of the above expression for the reaction rate is extremely 
illuminating, and especially so if it is taken in comparison with the 
collision formula. The ultimate identity of the two methods is shown 

♦ Adapted from Eyring, J, Chem, Physics, 1935, 3, 107; and Evans and Polanyi, 
Trans. Faraday Soc., 1935, 31 , 875. 
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by the calculation already given on page 35, where a method prac- 
tically the same as the transition state method is used to calculate the 
(jollision number itself. But when two angles of approach to a problem 
are available, certain aspects are usually more clearly visible from the 
one than from the other, so that both are valuable. 


(Comparison of Two Methods of expressing Reaction RaU*, 

It is instructive to (compare the calculation of a reaction velocity by 
the two methods in the simplest possible kind of biinolecular reaction, 
and then to see in what manner the diificulties increase as we pass 
from the simplest to more complex cases. 

From the point of view of the kinetic theory, the simplest assumption 
that we can make is that the activation energy resides in two square 
terms, and that all the collisions with enough energy lead to reaction. 
This giv'es foi* the rate at unit concentration 

S-nkTi—- + 

Wa ■mBl) 

If we wish to make the calculation for more complex cases we must 
make assumptions about the number of degrees of freedom in which 
the activation energy resides, and about the orientations, and about 
the internal phases of the molecular motions, and so on. In general, 
we do not know what to assume about these, and all that we can do 
is to investigate whether they appear to change in the right direction 
when we pass from one example to another. 

Turning now to the transition state method, we must write down K. 
For the transition complex we shall have a product of three transla- 
tional partition functions, one rotational (three-dimensional) partition 
function, and a whole series of vibrational partition functions; for the 
reactants, we have a product of three translational partition functions 
for each molecule concerned, a rotational function for each, and a whole 
series of vibrational ones. In the simplest case, say the union of two 
atoms to form a molecule, the expression for the K reduces to the form 
T^RJT^, where means a product of three translational partition 
functions for the activated state. 

Putting in the values for the different kinds of partition function, 
and multiplying by kTjh and by we obtain for the rate 


{2Tr(m^-i-mff)kTy Sn^lkT kT 

(27rm^kT)^ (27TmjgkT)^ 


^^EIRT^ 
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We must now put in the value for the moment of inertia. If this is 
written as where a is the sum of the normal radii of the reactants, 
then we have made an assumption not very different from that of the 
simple kinetic theory. If we wish to assume a very different value, 
then we are doing something which must be equivalent to making the 
assumption of an abnormal target area in the kinetic theory. In one 
method, as in the other, it is difficult to know what value we should 
take, if for any reason we believe the normal one to be inadmissible. 
There will be, of course, small differences according to whether we take 
cr to be the diameter of the product or that of the unchanged pair of 
reactants, but it is no exaggeration to say that the difference is well 
within the. limits of the other uncertainties. Taking o- as the normal 
value, we obtain for the rate the expression 

(87rA;T)*/”^4±^]i/e-E/K7' 

\ / 

Since I — becomes 

SnkTl— 

\m^ tnjj}) 

which, of course, agrees with that obtained the other way. 

In more complicated cases the partition products do not reduce to 
the simple form. We obtain products involving a number of vibrational 
and rotational partition functions for the activated state divided by 
a similar product for the reactants. The closer study of these products 
reveals several interesting things. If we are dealing with an association 
reaction* there will be a number of vibrational partition functions for 
the activated state divided by rotational functions for the reactants. 
It will be convenient to compare K for a reaction involving the union 
of two complex molecules, with the value for the union of two 
atoms to form a diatomic molecule.* K will contain three translational 
partition functions, a three-dimensional rotational, and n vibrational 
partition functions for the active transition complex of the two re- 
actants, divided by six translational, two three-dimensional rotational, 
and I vibrational partition functions for the two separate reactants. 
We may represent this symbolically by Since the 

total number of degrees of freedom before and after union of the 
reactant molecules to the complex must be the same, I = w--6. on 
the other hand, will contain and R^ and V for the diatomic molecule, 

* Bawn, Trans. Faraday Soc., 1936, 31, 1636. 
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divided merely by for the two atoms, giving T^R^^jT^. (We are 
not formulating one of the vibrations here as a translation along a 
coordinate in which decomposition occurs: this is unnecessary, since 
the corresponding terms will cancel in the ratio If the energies 

of activation are equal for the two kinds of reaction under considera- 
tion, A7A"„ becomes of the form V^/R^, i.e. a product of five one- 
dimensional vibration functions divided by a three-dimensional and 
a two-dimensional rotation function. The vibrational functions are 
those of the new vibrational degrees of freedom which come into being 
when half the translations and rotations of the reacting molecules lose 
their individuality in the complex. If hv is fairly small, V reduces to 
the form kTjhv] A, apart from a small numerical factor, is yj(27TlkT)jh, 
Bawn (loc. cit.), taking kTjhv as equal to unity for each of the V terms, 
and all the moments of inertia to be shows that V^jR^ may be 

very small. Thus, if P were unity for the atomic reaction, it would 
be very small for the reaction of the complex molecules. 

The kinetic interpretation of this is clearly that in an association 
reaction rotational degrees of freedom disappear and new linkages 
appear with associated vibrations, and that this process can only take 
place when the mutual orientations of the reactants are suitable, and 
when the relative motions of various atoms are also suitable for the 
creation of the new bonds. As regards the possibility of making quanti- 
tative calculations, from the kinetic point of view it is evident at once 
that to specify the orientations and phases correctly is a very difficult 
task. To write down the appropriate partition functions may sound 
formally a matter capable of treatment with greater precision. But 
this can hardly be true in actual practice. The vibrational partition 
function depends upon the frequency of the vibration in question, and 
can easily vary by one or two powers of 10. A product of several can 
thus vary by many powers of 10. The value of the frequency depends 
upon the strength of the binding, and precisely in an activated complex, 
where some bonds are being broken and others formed, we are likely 
to be very much in the dark as to the appropriate values to take. It 
is probably not unfair to say that our chances of writing down the 
correct values of the partition functions are about the same as those 
of specifying the orientations and phases correctly. On the other hand, 
the ‘resistance’ to reaction, which the disappearance of the rotations 
offers, is very clearly and elegantly emphasized in the statistical formulae. 

Eyring has calculated the rate of the reaction 2 N 04-02 == 2 NO 2 , 
but, interesting as the calculation is, it would seem that the assumptions 
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made about the properties of the transition complex are somewhat ad 
hoc and would be difficult to justify except in relation to the final result. 
It must be remembered that there is much latitude in specifying the 
degrees of freedom and partition functions of the transition complex 
and that there is an elasticity of many powers of 10 in the results 
obtainable. Therefore it would perhaps be best to regard the method 
as one for exploring by trial and error the j)roperties of the transition 
state itself. For this the method is obviously invaluable, and it will be 
interesting to build up an extensive empirical knowledge of such pro* 
perties. But the absolute prediction of rates, except in the simplest 
examples, is usually too detailed a task for present knowledge. 

The transition state method further possesses the merit of focusing 
attention on the relation between velocity problems and ecpiilibrium 
problems, which is often helpful. An example will appear in the course 
of the present chapter. 

Entropy and Free Energy of Activation. 

The activation energy E may be regarded as the energy increase 
accompanying the process of conversion from the normal to the transi- 
tion state, and if we envisage an equilibrium between the two states, 
then it plays the part of the quantity A?7 of the conventional thermo- 
dynamic formulae. 

We may write, therefore, E ^ so that 

k — JET 

In thermodynamics we have the well-known relation 

^F - MJ-T AS. 

where AF is the change of free energy and AS that of entropy. 

Putting == 

J. ^ ^ ^-AFJRT 

Thus AF^= -RTlnk. 

These equations relate formally the logarithm of the velocity constant 
to a free energy of activation y and the logarithm of the temperature- 
independent factor of the Arrhenius equation to an entropy of activation. 
The latter term calls attention once more to the connexion between 
entropy and probability. A reaction in which A (= PZ) is small can 
be said to involve improbable processes, or, alternatively, it can be 
said that activation is attended by a large decrease in entropy. It is 
a matter of taste which mode of expression is em])loyed. 
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Confusion may arise from the idea that the constant A of the Arrhe- 
nius equation is temperature-independent, while entropy, like other 
thermodynamic quantities, is in general a function of temperature. The 
fact is that A and E both vary slowly with temperature: and that 
the Arrhenius equation is an approximation. In this same approxima- 
tion, which in practice is rather a good one (pages 43, 44, 55), the entropy 
is also constant. 

Chemical Reactions in the Different States of Matter. 

In gases the molecules move freely about space, and except during 
collisions are practically free from external influences. The part played 
by collisions in chemical changes has been abundantly illustrated in 
earlier chapters: molecules may react in the collision itself, or they may 
emerge from the collision in such a condition that they are transformed 
after an internal evolution of some kind. When they are adsorbed on 
solid surfaces they suffer profound modifications of reactivity. It re- 
mains to inquire what happens when they themselves become part of 
liquid or solid phases. 

As a preliminary to this it will be well to consider what catalytic 
influences are exerted by foreign molecules in gas reactions themselves. 
On the whole it may be said that these influences fall under two 
headings: those depending upon the direct communication of activation 
energy to the reacting molecules, and those, much more marked, but 
also rarer, where a profound specific interaction of some kind leads to 
a complete change of reaction mechanism. 

Homogeneous Catalysis of Gaseous Reactions."^ 

{a) Introduction. 

Ostwald compared the action of a catalyst to that of a lubricant. 
In employing this .simile he was emphasizing the fact that a catalyst 
present in small quantity does not change the position of thermo- 
dynamic equilibrium, or modify the total heat of reaction. The essential 
fact was that the catalyst acted in some other way than by contributing 
energy. But the metaphor proved unfortunate, because it suggested 
that catalytic reactions have the same inner mechanism as the corre- 
sponding uncatalysed reactions, and that all that the catalyst does is 
in some way to multiply the velocity constant by a greater or smaller 
factor, leaving the other kinetic relationships imchanged. The decom- 
position of acetaldehyde, under appropriate conditions, occurs at a rate 
* Cf. J. Chem. Soc., 1939, 1203. 
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determined by activating collisions among the aldehyde molecules 
themselves. The reaction is strongly catalysed by a little iodine. The 
lubrication metaphor suggests that the fundamental mechanism will be 
unchanged, but that the velocity constant will be much greater. In 
fact, however, the catalysed reaction follows a quite diflFerent kinetic 
equation and depends upon an entirely different mechanism. 

We might indeed define catalysis as the operation of any mechanism 
which provides an alternative reaction path by which the same products 
can be produced more rapidly. 

The whole evidence of chemical kinetics shows that the most im- 
portant single factor determining the rate of a chemical reaction is 
usually the magnitude of the energy of activation. If the alternative 
mechanism which becomes possible in the presence of the catalyst is 
associated with a smaller energy of activation, then an acceleration of 
the chemical change will be observed. While it is by no means the only 
one, the lowering of the energy of activation by the catalyst proves to 
be perhaps the most important factor in catalysis. From the kinetic 
point of view, the lubrication metaphor would be better replaced by 
one in which the catalyst is likened to a by-pass road with easier 
gradients. 

(h) Influence of Homogeneous Catalysts on the Heat of Activation and 

on the Position of Equilibrium, 

Thermodynamically the heats of activation of the direct and inverse 
reactions in a balanced change must be related to the heat of reaction 
by the equation E ~E = Q 

The separate values bear, however, no general relation to Q. 

Unless a catalyst actually combines with an appreciable amount of 
one of the substances present it can have no influence on the position 
of equilibrium in a reversible reaction. When the change AB ^ A B 
has reached equilibrium the product 

[Am 

is constant at a given temperature and entirely independent of the 
mechanism by which equilibrium is established. Otherwise it would be 
possible to circumvent the second law of thermodynamics. 

Certain supposed shifts of equilibrium are all attributable to an 
actual finite alteration in the concentration of one or more of the sub- 
stances, owing to combination with the catalyst. If this alteration is 
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not taken into account, incorrect values of the concentrations are used 
in the expression for K, which then appears to be changed. 

So many different catalytic mechanisms are possible that the kinetic 
interpretation of this simple thermodynamical result is rather complex, 
but the general principle is easily illustrated. Suppose the reaction 
AB A-{-B is accelerated by a homogeneous catalyst, which forms 
a complex with the molecule AB. The reaction would be accelerated 
if the molecular compound AB.C had a much lower energy of activa- 
tion for the change AB.C ~> A-\~B-{-C than the molecule AB had for 
the simple decomposition. 

Let the energy of activation of the simple reaction be and that 
of the catalysed reaction be Now at equal concentrations the 

complexes will decompose more rapidly than the molecules oi A B in 
the ratio ^-iEi-cy)iRTj^~K^!Rr 

which equals 

Now, it is important to remember that the activated state of is 
identical with the activated state of {A-\~B) in collision, the reactant 
and the products being probably indistinguishable in the condition 
corresponding to activation. Hence if activated AB molecules are 
capable of being arttached to C molecules, the colliding complex of 
^ -f- ii is also capable of being so held. Moreover, the activated systems 
have equal chances of meeting molecules of (7, whether they are formed 
from AB molecules or by the collision of A and B. 

Further, if E.^ be the energy of activation of the uncatalysed reaction 
A-{-B -> AB, and that of the catalysed reaction be (JSJg— Cg), then, since 
Ej—E^ — Q and ej) — (£' 2 —^ 2 ) — Q follows that is 

equal to 62 - 

Thus, for equal concentrations the catalysed reaction is accelerated 
in the same ratio as the direct reaction. The equilibrium position 
is thus unaltered. Other more complex mechanisms may be analysed 
in the same way. 

When the 'catalyst' is present in the form of a complete atmosphere 
of solvent true shifts of equilibrium can occur, since the reacting mole- 
cules are the whole time under the influence of the catalyst molecules, 
and have virtually become new species. 

(c) Some Examples of Catalysed Reactions^ 

That a foreign gas should exert a catalytic influence is on the whole 
the exception rather than the rule. For example, oxygen and nitrogen 
do not seriously influence the rate of decomposition of chlorine 
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monoxide. The same general lack of marked influence is revealed by the 
failure of most gases to be of much assistance in communicating the 
activation energy to molecules in unimolecular reactions of complex 
molecules: the specific effect of hydrogen in these examples is not quite 
unique, being exerted also by ethane and occasionally other gases in 
appropriate circumstances, but such effects are exceptional. 

Helium, nitrogen, carbon dioxide, and other gases accelerate the 
decomposition of nitrous oxide, but rather large amounts are necessary 
to produce a marked effect: their action appears simply to consist in 
the communication of the activation energy to the molecules of nitrous 
oxide. A similar influence of foreign gases is found in the decomposition 
of the fluorine oxides, FgOg* and FgO.t The decomposition of acet- 
aldehyde is hardly influenced by nitrogen, carbon dioxide, or ethylene, 
but is accelerated by hydrogen. 

Some remarkable catalytic influences are exerted by iodine. It 
accelerates the decomposition of acetaldehyde many hundred times. 

The type of decomposition which occurs here is a rather general one. J 
It was first discovered in connexion with the catalytic decomposition 
of isopropyl ether under the influence of iodine. The chemical change 
involved is of the type: 

CH3. .CH3 CH3^ CH3 

>CH.O.CH< — > >CO+ NCHg. 

CH3"^ \CH3 CH3/ CH3/ 

It is interesting to note that all these reactions depend upon the 
transfer of a hydrogen atom, and the mechanism seems to be that 
the hydrogen is bodily removed from the molecule by the iodine, a cycle 
of changes occurring of which the following is typical: 

CH3CHO+I2 - CH3I+HI+CO, 

CH3l-f HI - CH4+I2, 

i.e. CH3CHO+I2 =- CH4+CO+I2. 

The concentration of iodine has been shown to fall during the reaction 
and then rise again to its original value. § 

Iodine also exerts a remarkable catalytic influence on the decomposi- 
tion of nitrous oxide. Chlorine and bromine exert similar influences. || 

♦ Frisch and Schumacher, Z. physikal. Cheni.^ B, 1037, 37, 18. 

t Koblitz and Schumacher, ibid., B, 1934, 25, 283. 

X Hinwhelwood, ClusiuH, and Hadman, Proc. Roy. Roc., A, 1030, 128 , 88; Glass and 
Hinshelvvood, J. Chem. Soc., 1929, 1815; Clusius and Hinsholwood, Proc. Roy. Soc., A, 
1930, 128 , 82; Clusius, J. Chem. Soc., 1930, 2607. 

§ Faull and Rollefson, J. Amer. Chem. Soc., 1936, 58 , 1755. 

II Musgravo and Hinshelwood, Proc. Roy. Soc.t A, 1932, 137, 25. 
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These reactions differ considerably from the catalytic decompositions 
of the aldehydes and ethers. There is evidence that the halogen atom 
rather than the molecule is the effective catalyst. For equal total con- 
centrations iodine is very much more effective than chlorine or bromine, 
but if allowance is made for the different degrees of dissociation the 
divergences between the three halogens largely disappear. 

The oxygen atom of the nitrous oxide is probably removed as a 
halogen oxide, which, of course, does not need to be stable enough to 
survive any collisions beyond the one in which it is formed. 

Nitric oxide catalyses the decomposition of nitrous oxide:* over a 
fair range the rate of the reaction is proportional to [N20][N0]. The 
catalytic collisions, however, are only about eight times as effective as 
normal collisions between nitrous oxide molecules. It is not impossible 
that we have here an example of intermediate reactions thus: 

NgO+NO — N 2 +NO 2 followed by 2 NO 2 = 2 NO+O 2 . 

Other catalytic actions of nitric oxide are known, e.g. on the decom- 
position of chloral. 

If a catalytic agent makes possible a reaction possessing an energy 
of activation IS.E smaller than that of the uncatalysed change, then, 
other things being equal, the new reaction is faster in the ratio 
It may be of interest to collect together a few examples of direct 
experimental evidence that modification of the heat of activation is 
one very important factor in catalytic phenomena. 

The mechanism of the catalytic reaction being usually different from 
that of the uncatalysed reaction, only qualitative comparisons are pos- 
sible in general. Nevertheless the marked reduction in is evident in 
the following examples of iodine-catalysed decompositions: 


Decomposition of 



CH,CHO 

CHsOCaHe 

■^'uncatalysed 

60,600 

63,600 

45,600 

47,000 

“^^catalyaed 

28,500 

34,300 

32,600 

38,000 


In the catalytic decomposition of nitrous oxide by halogens the heats 
of activation vary round about 49,000 calories, a value considerably 
lower than that for the uncatalysed reaction, and here again the cata- 
lysis is undoubtedly accompanied by a profound change of mechanism. 
The decomposition of chloral is catalysed by nitric oxide, the activation 
energy being reduced from 49,000 to 37,000 calories. f Whether this is 
a case of activating collisions between CClaCHO and NO or whether 
the nitric oxide acts by extracting the H atom bodily from the chloral 
is not definitely known. 

* Ibid., A, 1932, 135, 23. 


t Verhoek, Trans, Faraday Soc.^ 1936, 31, 1621. 
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{d) The Influence of Moisture on Chemical Change, 

Examples have not infrequently been found of reactions which 
involve the intervention of some impurity in the system, not at first 
imagined to be playing any part in the chemical change. For example, 
the rate of decomposition of hydrogen peroxide in aqueous solution is 
very variable, and Rice and Kilpatrick* traced the cause of this be- 
haviour to the fact that the decomposition is mainly determined by 
the catalytic action of dust particles. As a result, the view has some- 
times been held that pure substances are in general very unreactive, 
and that velocity measurements have no absolute significance, because 
the reaction mechanism is quite different from what it appears to be 
and involves* the participation of accidental impurities. Among such 
impurities water occupies the most prominent position. 

The phenomena attending the complete desiccation of chemical 
systems, interesting and important as they may be, can, however, be 
regarded in a quite exaggerated perspective. The objections to the 
view that moisture, or indeed ‘impurities’, are necessary to chemical 
change in general, or that the rate of chemical reactions is determined 
by the rate at which molecules can come into association with such 
catalysts, can be summarized as follows. 

Where the rate of reaction depends upon the presence of an accidental 
catalyst, measurements are characterized by great lack of reproduci- 
bility. Most homogeneous reactions, on the other hand, have quite 
definite and reproducible rates. 

The general coherence of the whole picture of chemical reactions 
which can be constructed without the aid of such an hypothesis makes 
it superfluous. 

Finally, the insufficiency of any positive evidence for the hypothesis 
has to be admitted. Most of the reactions where, for example, inhibi- 
tion by drying has been described are kinetically of a fundamentally 
different type from the homogeneous reactions we have been consider- 
ing. No specific claim has ever been made to have retarded by drying 
more than a negligible proportion of the reactions described in this 
book. Of the examples where inhibition by drying has been reported 
the great majority are interactions between substances in two different 
phases, where the great influence of an adsorbed film in poisoning or 
j)romoting the activity of a boundary surface, or of nuclei, can be 
understood. Some others, which might at first sight appear to be 
homogeneous reactions, are reaUy heterogeneous, as, for example, the 
♦ J. Physical Chem,, 1927, 31 , 1507. 
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union of ethylene and bromine, where the ‘polar’ nature of the surface 
is known to be of great influence. Retardation of such reactions by 
drying is an interesting and important fact, but not one upon which 
generalizations about homogeneous reactions should be based. Apart 
from the photochemical reaction between hydrogen and chlorine, the 
only reaction on which normal velocity measurements have been made, 
and which is said to have been retarded by drying, is the union of 
nitric oxide and oxygen. But this is equally definitely stated to pro- 
ceed just as well in the absence of water.! 

Many phenomena which look like the operation of homogeneous 
catalysis are really nothing of the kind. The characteristic reactions 
of atomic hydrogen only appear in the presence of water vapour, which 
might seem to show that water catalysed the formation. Wood, how- 
ever, has definitely shown that the action of the water is to ‘poison’ 
the walls of the discharge tube, which otherwise cause an immediate 
catalytic recombination of the atoms. Similar imitation of catalytic 
effects is found with active nitrogen, where the presence of electro- 
negative impurities appears to catalyse the formation, but in reality 
stabilizes the active product in a quite indirect way. 

It is perhaps desirable to consider briefly what bearing, if any, the 
experiments on ‘dry liquids’ have on the matter. The fundamental 
experimental fact, stated without prejudging any theoretical issue, is 
that a liquid which has been sealed up with phosphorus pentoxide for 
a considerable time frequently will not give a rapid continuous stream 
of vapour unless it is heated to a considerably higher temperature than 
would have been necessary before the drying process. This means either 
that some inner equilibrium in the liquid has been displaced, or that 
the rate of evaporation from the liquid surface has been considerably 
lowered, rendering the liquid very liable to what is virtually super- 
heating.! On general theoretical grounds the latter alternative appears 
much more probable, since it is easy to understand that during the 
storage with phosphorus pentoxide either something (such as water or 
colloidal dust particles) is removed which would have facilitated eva- 
poration, or that something (such as phosphorus pentoxide itself) is 
introduced which by concentrating itself in the surface layer impedes 
the free passage of molecules into the vapour phase. The former alter- 
native would be very surprising from the thermodynamic standpoint, 

* Baker, J. Chem, 8oc., 1894, 611. 

t Briner, J. Chim. Physiqw, 1926, 23, 848. 

j Compare inter alia E. Cohen and W. A. T. Cohen de Meester, Proc. K. Akad. 
Wetemch. Amsterdam, 1930, 33, 1003; S. Lenher, J. Physical Chem., 1929, 33, 1579. 
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since it would mean that a small quantity of a foreign substance pro- 
duced a change in free energy of the system out of all proportion to 
that produced by further additions. This would be extremely remark- 
able since thermodynamic functions in general are linear in the (;on- 
centration for small additions. From a kinetic point of view it would 
also be remarkable, since if a very small addition of water produced 
a finite shift in equilibrium through the bulk of a liquid phase it would 
mean that each water molecule exerted an influence far beyond the 
range of ordinary molecular forces. J. W. Smith* studied the distilla- 
tion of ethyl bromide from one evacuated bulb to another across a 
constant temperature gradient, and found that the rate decreases con- 
siderably as the ‘drying’ of the liquid proceeds. The vapour pressure, 
however, remained unaltered, and there was no evidence of any frac- 
tionation of the dried liquid during distillation, such as would be 
expected if a shift in an inner equilibrium had occurred. This observa- 
tion is parallel to that of Rodebush and Michalek, who observed that 
the rates of evaporation and of condensation of ammonium chloride 
were diminished by a process of drying. The earlier observation of 
Smith and Menzies that dry calomel had zero vapour j)res 8 ure also 
means that the rate of evaporation was zero under the conditions of 
the experiment rather than that the equilibrium value had been reduced 
to nought. There are two analogies, differing in principle, in terms of 
which these various results may be explained. One is the apparent 
zero value of the vapour pressure which would be found for slightly 
contaminated mercury at ordinary temperatures, the other is the com- 
plete non-efflorescence of a perfect salt hydrate crystal in the absence 
of nuclei. In any case it seems clear that the phenomena have no direct 
connexion with those of homogeneous reaction kinetics. 

It will be interesting to consider a few typical reactions where 
inhibition by drying has actually been found. 

The explosion of carbon monoxide and oxygen takes place much 
more readily in the presence of moisture than in its absence.! Dixon 
explained this by showing that the series of reactions 

CO-f HgO = CO2+H2 
2H2+O2 = 2H2O 

takes place more readily than the direct oxidation. It is now known 
that the direct oxidation as well as the indirect oxidation of carbon 
monoxide is possible, and actually predominates at high pressures. 

♦ J. Chem, 8t>c,, 1931, 2578. t PhU. Trans. Roy. Soc., 1884, 175, 617. 
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The mechanism of the slow oxidation is rather complex and depends 
upon a chain reaction (page 169). In the presence of water additional 
chain processes become possible. 

The union of hydrogen and chlorine under the influence of visible 
light has been said to be inhibited if the partial pressure of water vapour 
is reduced below 10“’ mm., while at all higher partial pressures of water 
vapour it proceeds normally. If this effect is real there are several 
possible explanations: either the water might form a catalytically active 
film over a surface, saturation of this film being complete at a very 
low partial pressure of the vapour; or the water might combine with 
some reactant, such as a chlorine atom in the hydrogen-chlorine com- 
bination, present in such small amount, and having such a long life, 
that all of it would be certain to meet with water molecules before 
being destroyed in any other way. This being so, the concentration of 
the water would only have an influence up to a certain point. If the 
chlorine atoms had to associate themselves with water in this way, their 
life, according to Chapman, would have to be about ^ second. 

Another way in which water might exert remarkable influence is by 
being concerned in the initiation of a chain reaction, which, once 
started, proceeds without further intervention of the water. 

The union of hydrogen chloride and ammonia ordinarily takes place 
with immeasurable rapidity. When the gases are ‘completely dry' they 
are said not to react at all. There is no stage of dryness at which a 
reaction with measurable velocity occurs. There does not appear to be 
agreement about the facts themselves: consequently their interpreta- 
tion is difficult. 

Solutions 

(a) Reactions in Solution and in the Gaseous State. 

The limiting case of foreign additions is the provision of a complete 
atmosphere of solvent. The decomposition of nitrogen pentoxide* has 
approximately the same rate and the same energy of activation in 
carbon tetrachloride, chloroform, and a series of similar solvents as in 
the gaseous phase at an equivalent concentration. But in certain 
solvents, nitric acid, for example, the rate and activation energies are 
different from the normal. The isomerization of pinenef takes place 
at the same rate in the gaseous and the pure liquid states. In the 
decomposition of chlorine monoxide^ the activation energy for the gas 

♦ Eyring and Daniels, J. Amer. Chem. Soc,^ 1930, 52, 1473. 

t D. F. Smith, ibid., 1927, 49 , 43. 

X Moelwyn-Hughes and Hinehelwood, Proc. Boy. Soc., A, 1931, 131 , 177. 
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is 21,000 and for the solution in carbon tetrachloride 20,300, the rates 
being identical within the limits of experimental error. The ratio of 
rates for the interaction of ozone and chlorine* in carbon tetrachloride 
solution and the gas phase is about 1*5, the activation energy for the 
gas reaction being a little doubtful. The ortho-para hydrogen conver- 
sionf and the addition reactions of quinones and dienes J also have 
speeds of the same order both in the gas and in solution. 

This rather varied series of reactions shows that there is nothing 
absolutely essential about the geometry or the mechanics of the liquid 
state which changes the order of magnitude of the reaction rate of 
substances dissolved. This result can be foreseen theoretically in a 
general way (page 17). § 

Nevertheless the fact that reaction rates for a given set of reactants 
may vary a thousandfold with change of solvent shows that highly 
specific influences can also be at work. These should indeed be in 
evidence with the majority of reactions in solution, for, in general, a 
really inert solvent will refuse to dissolve any but the simplest mole- 
cules, solubility itself normally depending upon specific interactions of 
solvent and solute; and since we can only investigate reactions in media 
which will dissolve the reactants, we should expect to find these in- 
fluences affecting the reaction rate. 

A number of attempts have been made to investigate the kinetics 
in the gaseous phase of reactions which had previously been studied in 
solution. Examples of these are: the formation of quaternary ammo- 
nium salts, 11 the interaction of acetic anhydride and ethyl alcohol, the 
interaction of methyl alcohol and hydrogen chloride, the interaction of 
methyl alcohol and acetic acid,** and the acid -catalysed decompositions 
of certain organic compounds. ft 

In all of them the reaction proved to take place predominantly in 
an adsorbed layer on the wall of the vessel, that is to say, virtually 
in a two-dimenbional solution. 

Similarly the combination of ethylene and bromine in glass vessels 
takes place almost entirely on the walls when the walls are covered 

* Bowen, Moelwyn-Hughes, and Hinshelwood, ibid., A, 1931, 134, 211; 

f Farkae and Sachsse, Z. physikal. Chem., B, 1933, 23, 1, 19. 

J Wassermann, Benford, and Khambata, Nature, 1937, 139, 669; Benford and 
Waasermann, J. Chem. Soc., 1939, 362. 

§ See also R. P, Bell, Trans, Faradciy Soo,, 1939, $6, 324. 

j| Moelwyn-Hughes and Hinshelwood, J. Chem. Soo., 1932, 230. 

** Winkler and Hinshelwood, Trans. Faraday Soc., 1936, 31, 1739. 

If Bell and Burnett, ibid., 1939, 35, 474. 

f J Stewart and Edlund, J. Amer. Chem. Soc., 1923, 45, 1014. 
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with paraffin wax the reaction is very slow, but when stearic acid and 
other polar substances are used much more rapid.* 

{h) The Influence of Solvents, 

The phenomenon of solubility shows that, in general, molecules are 
likely to exert influences on one another. Indeed, whenever two mole- 
cules approach to within a molecular diameter of one another there 
must be an appreciable modification of the potential-energy curves of 
each. Thus we should expect catalytic influences to be very general. 
For the change in the potential-energy curves must reflect itself in 
some change in the activation energies of reactions which the disturbed 
molecule might be undergoing. In gases, however, these effects are not 
commonly perceptible, because the disturbances are only exercised 
during the very short period for which the foreign molecule is within 
a distance of the order of a molecular diameter of the reacting molecule. 
Thus for the catalytic effect to be appreciable the lowering of the 
activation energy must be great enough to outweigh the improbability 
of the necessary encounter. In solutions the state of affairs is quite 
different: there are nearly always molecules of the solvent within reach 
of the reacting molecules. The first effect one might expect is, there- 
fore, that appropriate solvents should change the activation energy 
considerably. This is certainly found. Fig. 31 shows an example: the 
variation of E for the reacition between pyridine and methyl iodide in 
a series of mixed solvents. 

When E changes as a result of changing the solvent, PZ of the 
reaction velocity equation usually changes concurrently (page 257). 
The total change in PZ can be analysed into two parts, one bearing 
a close functional relation to the change in E itself, the other indepen- 
dent of E. 

Superimposed on the correlation with the change of E itself there is 
a general tendency for P to be greater in more polar solvents. This 
factor seems itself to be composite and probably depends partly on an 
actual increase in Z in the more polar solvents, and partly on an action 
of the latter in stabilizing the products of certain reactions. The increase 
in Z would be due to the kind of extrusion of solute molecules from 
the structural pattern of the solvent, an effect which was mentioned 
on page 19. The stabilization effect will only be in evidence in reac- 
tions, such as the formation of quaternary ammonium salts, where the 
product is a highly polar substance, and where the transition complex 
* NorriHh, J. Chew. Soc„ 1923, 123, 3000. 
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will have a great tendency to relapse into its original components unless 
a polar environment is provided to fix it. If much reversion occurs, 
P will be small. Hence the increase of P with polarity of solvent. 

The interactions of solvent and solute are often spoken of as solva- 
tion: in the light of modem views on liquids, it is probably best to 



regard solvation as a fitting of solvent and solute molecules into a 
common structural pattern. The adaptation of the reactants to this 
pattern may be better than that of the products or vice versa; in the 
first case one would say that the reaction was contingent upon desolva- 
tion, and in the latter that it involved an increase in solvation. 

Another way in which the solvent may be concerned is in modifying 
the time during which two reacting molecules in a bimolecular reaction 
are held more or less in contact, that is, modifying the collision time. 
In all but rather simple reactions internal redistributions of energy 
must occur before the chemical transformation can complete itself. If the 
molecules part company again too quickly, the reaction will not occur. 

In this connexion reference may be made to the influence of hydi'o- 
static pressure on the rate of reactions in solution.* It appears that 

♦ Gibson, Fawcett, and Perrin, Proc* Roy, Soc., A, 1935, 150 , 223; Williams, Perrin, 
and Gibson, ibid.. A, 1936, 154 , 684; Perrin and Williams, ibid., A, 1937, 159 , 162. 
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pressures of several thousand atmospheres produce very great increases 
in P in bimolecular reactions, such as the formation of quaternary 
ammonium salts, where the value of P is initially small: much smaller 
increases in reactions which initially have larger values of P, and no 
increase, or even decreases, with unimolecular reactions. 

Reactions of Solids.* 

The interaction of two solids is determined by the mechanisms 
available for bringing the different kinds of molecule into contact, and 
is hardly a problem of chemical kinetics at all. The decomposition of 
a single solid is, however, a phenomenon with well-defined kinetic 
characteristics. 

It is not usual for the reaction product to form solid solutions to an 
appreciable extent with the reactant: this means that the molecules or 
ions of the product are more stable when placed in their own space 
lattice than when uniformly disseminated among the molecules or ions 
of the initial substance. Consequently, the chemical reaction can take 
place more easily, that is, with a lower activation energy, if there is 
ready formed some of the lattice of the product to which fresh elements 
can attach themselves. The result of this is that solid reactions usually 
spread from nuclei. The formation of the initial nuclei is an independent 
process requiring a higher activation energy than the subsequent 
growth. The reaction proceeds by the advance of the newly formed 
crystal face through the unchanged material. The nuclei can be 
poisoned and prevented from growing by the action of foreign sub- 
stances: for example, the silver nuclei from which the reaction t 

Ag 2 C 204 = 2Ag+2C02 

spreads are poisoned by oxygen. As the chemical change proceeds, the 
extent of the interface between the original substance and the reaction 
product changes and the rate of reaction thus varies in a complex 
fashion. The shape of the curve representing the extent of reaction as 
a function of time depends upon the rate at which fresh nuclei are 
formed relative to the rate of growth of existing nuclei. When the 
change spreads from a limited number of nuclei for each particle of tiie 
solid, the rate increases with time and then passes through a maximum 

* See e.g. Smith and Topley, Proc. Roy. Soc., A, 1931, 134 , 224; Spencer and Topley, 
J. Chem, Soc., 1929, 2633; Topley and Hume, Proc. Roy. Soc.^ A, 1928, 120 , 211; 
Bradley, Colvin, and Hume, ibid.. A, 1932, 137 , 631 ; Topley, ibid., A, 1932, 136 , 413; 
and also the papers in Tram. Faraday Soc.^ 1938, 34 , 822-1084, where references will 
be found to the numerous papers of Gamer and others on the subject. 

t Macdonald, J. Chem. Soc., 1936, 832, 839. 
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giving rise to a typical S-shaped curve for the amount of reaction 
against time. By careful analysis of these curves conclusions can be 
drawn about the rate of advance of the crystal face, and also about 
the kind of nucleation processes which occur. 

The Tcmperiature-independent Factoi^ of the Reaction Velocity Equation 
(n) Bimolecular Reactions, 

To a high degree of approximation the rate of i*eaction, as we have 
seen, is represented by the equation 

number of molecules reacting = 

Z being the collision number and P a factor independent of tempera- 
ture except for second-order differences. 

At an early stage the study of gas reactions revealed the existence 
of a considerable number of cases where P apj)roached unity, thus 
defining a sort of standard of behaviour where activation is not only 
a necessary but also a sufficient condition for reaction. But this simple 
type of behaviour is by no means general, a fact which early became 
evident in the investigation of the first-order decompositions of organic 
molecules. 

Even with bimolecular reactions Christiansen* pointed out that in 
solution there are a number of reactions for which P is much less than 
unity. At first there was some disposition to regard this state of affairs 
as characteristic of the liquid as distinct from the gaseous state. But 
this idea was dispelled in two ways: first, by comparison of gas reactions 
with the corresponding reactions in solution to which reference has 
already been made; and secondly, by the fact that there are many 
reactions in solution where P may approach unity, f These latter are 
usually reactions in which one of the reactants is a simple ion such as 
hydroxyl. J 

For a time it then seemed possible that reactions might fall into two 
classes, roughly describable as ‘slow’ and ‘fast’, and determined by the 
presence or absence of some special factor, such as a quantum-mechani- 
cally forbidden electronic transition. But further experiments have not 
supported this idea: and it now appears that there is a continuous range 
with P varying from 10-® to unity, and, in rather rare examples, rising 
above unity. 

Fig. 32§ gives an idea of the distribution of P values. The median 

* Z-, phyaikaL Chern,, 1924, 113, 35. 

t Moelwyn-Hughes, Kinetics of Reactions in Solution^ Oxford, 1933. 

J Grant and Hinghelwood, J, Chem. Soc,, 1933, 258. 

§ Winkler and HinHhelwood, ibid., 1936, 371, 
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line of each of the Gauss curves gives the mean value of P for the series 
of reactions indicated by the lettering, and the curves themselves give 
an idea of the distributions about the mean of the values for different 
reactions in each series, the ordinates being proportional to the relative 
numbers with P in various ranges. The distributions indicated are very 

10 


-8 -6 '4 -2 0 

logR 

Fig. 32. 

rough, since there are not enough results for a real statistical analysis: 
but the mean values are reliable, and the diagram as a whole illustrates 
the essential fact that there is a fairly even distribution over the whole 
spectrum of possible P values. 

The series represented are: A, esterification in alcoholic solution, the 
catalyst being the undissociated molecule of acid; B, benzoylation of 
aromatic amines; C, quaternary ammonium salt formation in benzene 
solution; i), interaction of acetic anhydride and alcohol; E, esterifica- 
tion with hydrion as catatyst; Fy halogenation of phenolic ethers; G, 
reaction between trinitroanisol and substituted dimethylanilines; Hy 
oxidation of cyclic compounds by potassium permanganate; /, addition 
to dienes; J, alkaline hydrolysis of substituted benzoic esters; Ky inter- 
action of alkyl halides and negative ions. 

Other examples might be added without changing the general effect. 

The impression one receives from the study of a large number of 
bimolecular reactions is that P = 1 is a limit reached with certain 
reactions of a specially simple character, and that, in other reactions, 
the necessity for the fulfilment of more exacting internal conditions 
reduces the probability of reaction to a greater or smaller extent. This 
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impression, however, is only partly correct. For one thing, a few 
reactions, apparently bimolecular, are known where P is greater than 
1, for example, the hydrolysis of arylsulphuric acids. ♦ And for another, 
the following considerations also throw doubt upon the propriety of 
regarding the limit P 1 as of absolute significance. When a given 
reaction occurs in a series of different media there is often a functional 
relation between the various values of P and the corresponding values 
of E (see page 257). In a number of examples the relation between 
logP and 1/JP* is approximately linear: the extrapolation of the lines 
to 1/JS?^ == 0 gives values of P several powers of 10 greater than unity. 
Even if values approaching this have not been actually observed, the 
continuity of the curves suggests that there is no reason in principle 
why they should not be. The interpretation of these facts will be 
discussed in a later section. 

(b) Vnimolecular Reactions, 

Since the actual rate of a unimolecular reaction is often quite in- 
dependent of the collision number, we write k = bearing in 

mind that, unless there is a chain reaction — to which none of the 
observations which follow apply — the collision number must be at least 
as great as X) because the molecules cannot react more rapidly, and 
indeed for a first-order reaction must react much less rapidly than they 
are activated by collision. The constant x hardly have a unique 
meaning for all unimolecular reactions, but its order of magnitude is 
a matter of interest. The problem has been discussed by Polanyi and 
Wignerf who give the diagram shown in Fig. 33. In spite of such 
disturbances by chain reactions as may alter the numerical values 
somewhat, the result is probably a reasonably representative one. It 
is evident that the value 10^^ to 10^^ occurs much more often than 
any of the others. Polanyi and Wigner in their treatment do not con- 
sider how the energy is communicated, but assume a large molecule 
already containing the necessary energy of activation, and fix their 
attention on the period between activation and transformation. 

They assume the energy to fluctuate in the molecule in elastic waves, 
and the transformation to occur when, by interference of these waves, 
the amplitude at one of the linkings between the atoms reaches a critical 
value. Taking the velocity of propagation of a disturbance across the 
molecule as of the same order as the velocity of sound, they find that 

• Burkhardt, Horrex, and Jenkins, J. Chem. Soc.f 1936, 1649. 

f Z. physikcU, Chem.f A, Haberband. 1928, 439. 



266 


SOME GENERAL ASPECTS OF 


the order of magnitude of the factor x should be that of the atomic 
frequency, which is the order of magnitude required. With regard to 
what in the last section was called PZ, it is clear that for these uni- 
molecular reactions the collision number must be greater than i e* 
greater, on the average, than 10^® to 10^^. For the bimolecular reac- 
tions referred to in the last section, the value P = l corresponded to 



Fig. 33. 

PZ = 10^^ or 10^^. Evidently activation rates in unimolecular reactions 
are, on the average, very much greater — a matter which has already 
been dealt with in connexion with the reactions of complex molecules 
(page 78). 

(c) The Range of Values of P, 

The first important distinction is between bimolecular and unimole- 
cular reactions. In the former, with a few exceptions, PZ varies from 
10^^ downwards, i.e. P from unity downwards; in the latter, x^ which 
is less than the possible activation rate, is usually greater than 10^^ and 
may be considerably greater. To account for the activation rate in 
unimolecular reactions which are not chain reactions it has been neces- 
sary to invoke the internal degrees of freedom. The number of collisions 
in which the necessary energy can be communicated becomes much 
greater than in this case: and hence x be — though it is 

not absolutely necessary for it to be — large. Once a complex molecule 
has the necessary energy inside it, there is an interval corresponding 
to the time between collisions for the flow of this energy to the appro- 
priate part of the molecule. Consequently the energy in the large 
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number of internal degrees of freedom becomes available, and x 
be large. If, formally, we write x ^ PZi, then, in this sense, P is large 
also, though this does not mean that the actual probability is large. 
It only means that there is a large proportion of the molecules com- 
pared with which count as active. 

In bimolecular reactions, on the other hand, any complex conditions 
which have to be fulfilled must in general be satisfied at the moment of 
encounter, since the molecules part again in a time very short indeed com- 
pared with that available in a unimolecular reaction. Hence we find that, 
as a rule, P is unity or less. 

We come now to those bimolecular reactions where P is actually 
greater than unity (or where there are indications that under appro- 
priate conditions P might become greater than unity). 

The natural course is to interpret them on the same lines as unimole- 
cular reactions by supposing that in special cases the duration of the 
collisions is long enough for quite complicated internal redistributions 
of energy to occur: in these circumstances the internal degrees of free- 
dom may contribute to the activation rate. There may be an actual 
complex formation between the two reactants: or merely a mutual 
influence which leads to a collision of abnormal duration. According 
to either view we are virtually dealing no longer with a bimolecular 
reaction, but with a unimolecular reaction of a substance whose con- 
centration happens to be proportional to the product of the concentra- 
tions of two other substances. Therefore, what we measure is not so 
much PZ as y. 

From the point of view of the transition state theory one must sup- 
pose that in these reactions the activated state is a more probable one 
than normally because, as Polanyi expresses it, the mobility of some 
parts of the molecule is greater in the transition complex than it is in 
the initial state. This means that there are more factors than normally 
in the numerator of the expression for K (page 235) and a correspond- 
ingly increased reaction rate. Here we are dealing direct with y. 
PZ must be at least great enough to render possible the occurrences thus 
envisaged. Hence the need for the extra degrees of freedom. In a solu- 
tion these are always available, even if only when the aid of adjacent 
solvent molecules is enlisted. 

Functional Relation between the Constants of the Arrhenius Equation. 

In the reaction-velocity equations k ~ PZe~^l^^ and k — 
the constants PZ or y and E, instead of being independent, have 

Ll 
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sometimes been found to exhibit a correlation, PZ or x increasing with 
E through a series of reactions. In the discussion it will be enough to 
refer to PZ. 

The correlation of P and E would, of course, have no significance 
if the data examined related only to reactions selected for study because 
they proceed at conveniently measurable rates in a given temperature 
interval. Even if any value of P could occur with any value of E, only 
those reactions would have been chosen for experiment in which the 
values of P and E so compensated one another as to give what was 
considered the convenient rate. 

There is also doubt about the reality of the correlations when data 
of unspecified accuracy are used: log PZ is calculated by adding log/: 
to EjRT\ E is less accurately measurable than logyfc. If E has been 
overestimated, then the value of log PZ will be correspondingly too 
large. But numerous studies are now available where there is no ques- 
tion of selection of the dat^, and little doubt that their accuracy is 
quite sufficient to establish the reality of the correlation. 

It is usually expressed as a linear relation between the logarithm of 
PZ and the activation energy itself. The logarithmic form is essential, 
but any simple algebraic function of the activation energy will usually 
do as well, over a limited range, as E itself. 

Some good examples of this correlation appear when we pass through 
a series of mixed or pure solvents of approximately the same polarity. 
Such examples are found with ester hydrolysis or with quaternary 
ammonium salt formation in various mixtures of water, acetone, and 
alcohol, where large changes in E are correlated simply with the changes 
in log PZ. 

Examples of the following kinds have from time to time been noted: 
heterogeneous reactions;* unimolecular reactions in different solvents, 
e.g. decomposition of acetonedicarboxylic acid,f and the rearrangement 
of triazoles unimolecular reactions of series of related compounds such 
as substituted malonic acids§ and other carboxylic acids ;|| bimolecular 
reactions such as the formation of allylpyridinium bromide in different 
solvents,** esterification of acids in different alcohols, formation of 
sulphonium salts in different solvents hydrolysis of different aryl- 

♦ See Storch, J. Amer. Chem. Soc., 1935, 57, 1395. 

t Wiig, J. Physical Chem., 1928, 32, 961. % Dimroth, Annalen, 1910, 373, 367. 

§ Bernoulli and Wege, Helv. Chim. Acta, 1919, 2, 511. 

II Fairclough, J. Chem. Soc., 1938, 1186. ♦♦ Hawkins, ibid., 1922, 121, 1170. 

■ft Hinshelwood and Legard, ibid., 1935, 587. 

it Syrkin and Qladischev, Acta Physicochim. U.R.S.S., 1935, 2, 291. 
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sulphuric acids in water.* The most conspicuous examples are, how- 
ever, perhaps those in which for a given reaction the medium is sub- 
jected to a continuous variation (see Fig. 34). 

On the whole, variation of the reactants, by substituent groups for 
example, more often leaves PZ constant. It seems clear that the basis 



Fio. 34. I, Alkaline hydrolysis of methyl acetate. II, Alkaline hydrolysis of ethyl 
benzoate. Ill, Formation of methylpyridinium iodide. IV, Hydrolysis of ethyl bn)mide. 
Relation between log PZ and a simple algebraic function of E. If log PZ were plotted 
against K itself the degree of approximation to a linear relation over the range shown 
would be about the same. The curves on the left are given to show the actual range 
of variation in E itself for various alcohol-water and alcohol-acetone -water mixtures. 
The letters refer to solvents: A to H contain a constant proportion of water with a 
varying ratio of alcohol to acetone (all have approximately the same dielectric con- 
stant) ; G to M are alcohol-water mixtures ; iV is a dioxan-water mixture and O is water. 

of the correlation must be a very general one, but involve factors of 
a kind which, in a given example, may or may not be operative. 

With regard to the interpretation of this relation, perhaps the most 
general form of argument which can be used is as follows. 

We imagine a reaction to take place under some ideal standard 
conditions where the activation energy is E and the probability factor 
is P. Now let the conditions be changed so that the value of E is 
lowered. The lowering of E is due either to the effect of one single 
factor or to the simultaneous co-operation of a number of factors. It 
is in the latter case that the correlation is to be expected. For each 


* Hurkhardt, Horrex, and Jenkins, «/ . Chetfi. Soc.^ 1936, 1649. 
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factor can be thought of as reducing E by an amount e, and if n factors 
co-operate the change is given by HS.E = ne. But the chance that each 
of these factors is favourable at the moment of activation is less than 
unity, so that for n of them to be favourable at once the probability 
of reaction will be reduced in the ratio P^jP == where p is less than 
unity. Taking logarithms and eliminating n, we find that E and log P 
change in a parallel manner. 

In general one might well expect that the more violent the activation 
process the less need would there be for other more subtle conditions 
to be fulfilled. This might be expressed by the following analogy: when 
a safe is opened by a key little energy is needed, but precise geometrical 
conditions must be satisfied: when, on the other hand, it is blown open, 
much more energy is used, but the exact geometry of its lock ceases 
to be of much importance. 

More special explanations can also be suggested. In unimolecular 
reactions, such as the decarboxylation of the ions of acids, the mechan- 
ism is probably such that the activation energy is mainly required for 
the breaking of a bond. And it is possible that reaction may only be 
completed if a number of factors ensure to the activated molecules an 
abnormally long period free from disturbance by solvent molecules. 
In other cases also the activated complex may only react if it has an 
abnormally long life which allows time for appropriate internal energy 
redistributions to follow the activating collision.* 

Suppose the average time which elapses between the formation of 
the activated complex and the reversal of this process be 0. In the 
majority of cases the attainment of the right phase for reaction may 
demand a longer time than this, which we call t, and no reaction occurs. 
The chance that the activated complex survives for this time is, accord- 
ing to well-estabHshed principles, 

W = ( 1 ) 

t is the time required for the completion of a certain fraction of the 
complete period of a complex internal motion, which in general will 
involve a considerable number, n, of cycles of vibration of one of the 
reacting bonds. If the frequency of the latter is v, ^ = n/r. Thus the 
probability of reaction is proportional to 

If the structure of the molecules remains constant but the bond 
strengths are changed by substitution, or by the influence of the 
medium, v will vary, and Ey the activation energy, will vary also. On 

♦ Fairclough and Hinshelwood, J. Chem, Soc., 1937, 538. 
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the whole, if bond strengths increase, both r and E will increase 
together. If we write v = f{E), then the rate of redaction becomes 


whence 


log* - logA~-nief(E)~EIRT \ogPZ-EIRT, 


whence logPZ — constant— n/6!/*(P). 


When changes in E are small compared with f(E), this approxi* 
^ A log PZ = B AE, 


where P is a constant. 

Only when t is appreciably greater than 6 in equation (1) should the 
correlation between PZ and E be observable. When t is much less 
than S, equation (1) approximates to W ~ I, and PZ is no longer 
dependent upon E. Thus two main types of behaviour are to be 
expected. The factors making for a large value of 6, and therefore for 
a constant P, are the formation of a fairly stable collision complex, 
infrequency of collisions which might deactivate the (3omplex, and poor 
energy transfer in such potentially deactivating collisions. On the other 
hand, simplicity of the reacting system tends to diminish /, which has 
the same result as increasing 0. 

The exact relation between E and the frequency is difficadt to fletcr- 
mine and is of no great importance. If E is set proportional to t he 
force constant of the link it works out that log PZ should vary as 1/P^, 
but no great significance can be attached to this precise form. Usually 
the changes in E are not great enough to decide empirically between 
different simple algebraic forms. The essential part is the logarithmic 
nature of the relation: and the ultimate statistical basis of this is the 
same in the present special as in the more general discussion above: it 
arises from the assumption that reaction depends upon a number of 
rarely fulfilled conditions — in the present example an abnormally long 
life of the active complex which in turn has to be ensured by the 
co-operation of a number of favourable factors in the solution. 

In a reversible reaction, the influence of the life of the activated 
complex would act equally on the two opposing changes. On the other 
hand, influences depending upon solvation, or the pattern formed by* 
the solvent molecules in the transition state, could act preferentially 
on the forward or on the reverse reaction. Long ago, van ’t Hoff pointed 
out that the effect of solvents on reaction velocity should be analysed 
into two parts, one which changes the velocity of both opposing reac- 
tions in the same ratio and another which, by changing one velocity 
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more than the other, leads to the welhknown shift of equilibrium, 
expressed in the van ’t HofT-Dimroth solubility relation.* 

The Logarithmic Relation between the Velocity Constants of Related 
Series of Reactions. 

If we have two series of reactions with velocity constants ifcj, 
and all members of series 1 and all members of series 2 re- 

spectively being chemically analogous among themselves, and the 
members a, 6,... of a given series differing in the structure of one or 
other of the reactants or in the substituents present, then there is often 
found a relation of the following form if 

logk^ — a log ^ 2 + const., (1) 

where a is the same for aU the members of the series a, 6 ,.... For 
example, such a relation may be found by plotting the logarithm of the 
velocity constant for the hydrolysis of benzoic esters with a series of 
nuclear substituents against logJfc for the benzoylation of aromatic 
amines with the same series of substituents. 

Another form which the relation may take is 

log^ = a logic 4- const., 

where log^' refers to the velocity constant of a reaction and log A" to 
the equilibrium constant of another reaction in which one of the re- 
actants can participate. The best known example of this kind is the 
Bronsted relation between the catalytic coefficient for the action of a 
series of acids on a given substrate and the dissociation constants in 
water of the same series of acids. 

Writing the reaction rate in the form 

log^^ - log PZ~ El RT, 

for variations among members of a given series, we have 
Alogjfc = MogPZ-^E/RT. 

Two cases arise. In the simplest, PZ is constant for a given series, and 
equation (1) only requires = cxA^ 2 * Si^^ce PZ often remains nearly 
constant through a series, this case is of some importance. Suppose we 
are studying the effect of the same series of substituents on two reac- 
tions. Let us suppose schematically that one particular bond in each 
type of molecule is principally influenced by the substituents, their 
effect on the rest of the molecule being in the first approximation 

♦ van’t Hoff, Lectures. 

t See Hammett, Chem. Reviews^ 1935, 17, 125. 
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negligible for the purpose of the reaction. If in one case the bond in 
question is a strong one requiring considerable activation while in the 
other case it is very weak or requires no activation, we may evidently 
have AJSJg finite but Ai?i nearly equal to zero, i.e. a = 0. At the other 
extreme we shall have the bond of approximately equal strength 
and requiring the same amount of activation in each reaction and 
= AE 2 with a = 1. In between we shall have fracjtional values of 
a. The condition that the fractional value shall be a constant for the 
series is that the effect of the substituent on the bond strength shall 
not be an absolute magnitude but one proportional to the original 
strength of the bond. Alternatively, we may suppose that AE^ is much 
smaller than AE 2 because the effect of the substituent is not wholly 
transmitted to the part of the molecule where it will influence the 
activation energy; in this case we must assume, in order to arrive at 
a constant a, that a constant fraction of the maximum effect is trans- 
mitted for all members of the series. 



Alkaline hydrolysis 

Benzoylation of 

Benzoylation of aniline 


of benzoic esters in 

nuclear-substitutod 

with substituted 

Substituent 

85% alcohol 

anilines 

benzoyl chlorides 

Me 

18,200 

6,800 

7,800 

H . 

17,700 

7,350 

7,350 

NOa 

14,500 

11,800 

5,900 

Cl 

16,800 

7,600 

7,000 


The above table gives the activation energies for three reactions 
influenced by para-substituents in the benzene nucleus. Fig. 35 shows 
that the variations in activation energy may well be nearly proportional 
to one another, and that the values of AE decrease in the order: sub- 
stituted amines, esters, substituted acid chlorides. This may well be 
due to the fact that the transmission of the effect of the substituent 
is less efficient in the case of the amines than with the esters, while 
with the acid chlorides the effect is produced in a molecule which does 
not in any case need much activation, most being required in the other 
reaction partner. 

When PZ varies considerably in the series of reactions, the matter 
is more complicated. In order to preserve relation (1) we most simply 
assume that AlogP^Z^ == «AlogP 2 ^ 2 * There are examples where, in 
a series of reactions, log PZ increases linearly with E, so that 

A log P^ Z^ = />! AJE^i and A log Pg Zg = pg Ai^g, 

and we now have = pg. In other words, the factor which makes PZ 
increase with E must be one operating equally in the case of both 
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series of reactions. In many cases p tends to zero, and it must of course 
be remembered that the smaller p, the less accurately need p^ = />2 for 
relation (1) to be fairly well obeyed. An interesting special case must 
be mentioned here. At least one example is known in which there are 
rather irregular, though not very marked, variations in PZ in a series 
of basic catalyses, while the Bronsted relation is obeyed with great 



6,000 MOO 10,000 12,000 

Ebcnzoylation 

Fig. 35. 


accuracy. The deviations of PZ from constancy seem, therefore, to be 
due to a factor which has equal effects on the dissociation of an acid 
and on its catalytic power. An abnormally great PZ for a given acid 
of the series means that the reaction goes more easily than we should 
expect from the activation energy. Since the Bronsted relation is 
obeyed, we infer that that same acid also has an abnormally great 
tendency to give up a proton to water. If we attribute any anomalous 
behaviour to that part of the reaction mechanism connected with the 
giving up of the proton, rather than to any other kind of activation 
of the reaction partner, then we can see how the anomaly may show 
itself in the {P, E) relation while not appearing in the Bronsted relation. 

From the point of view of the transition state theory, the matter 
may be looked at as follows.* If K is an equilibrium constant, log if 
is proportional to the free energy of the reaction, and analogously log k 
can be regarded as proportional to the free energy of the reaction by 
which the reactants pass to the transition state. By introducing the 
thermodynamic equation dXogkjdx = where p is* the dif- 

ferential coefficient of the free energy with respect to some variable x, 
the experimental relations referred to above can be connected with the 

♦ See Evans, Trans, Faraday Soc., 1938, 34, 49. 




CHEMICAL KINETICS 


265 


thermodynamic properties of the transition state by a simple algebraical 
elimind-tion. 

To account for the linear logarithmic relations one has to assume, 
first, that all the various j8’s are constants, and secondly, that if the 
influence of change in structure or substituents is represented by a 
parameter Xy tbe ratio (x for reaction l)/(x for reaction 2) is 

a constant for all the members a, 6 ,... of the series. In other words, 
we can translate the experimental relationship into a statement of the 
kind that certain quantities, formally similar to ordinary thermo- 
dynamic quantities, maintain a constant ratio throughout a series. 

In this way it may prove possible to build up a useful body of 
empirical information about transition states. 

Quantum^mechanical Theories of the Probability of Spontaneous Mole- 

cular Transformation. 

According to one view developed in the foregoing pages, in a uni- 
molecular reaction there is a supply of activated molecules, maintained 
by collision, and there is a definite probability that a molecule will 
undergo transition before losing its energy. This probability may or 
may not be a continuous function of the excess of energy possessed by 
the molecule over and above the minimum required for ‘activation’. 
According to quantum-mechanical theories the probability might be 
a continuous function of the energy content over the whole range of 
values, with no sharp threshold of activation. But according to all 
theories the vast majority of the molecules which are transformed pos- 
sess energies in a narrow range in the neighbourhood of the energy of 
activation. The probability of transition of these molecules is found 
experimentally to be such that the time elapsing between activation, 
‘classically’ regarded, and transformation is of the same order of magni- 
tude as the ‘period of revolution of an electron in its orbit’. Polanyi 
and Wigner arrived at this same numerical value by a theory based 
upon the interference of elastic waves in the molecule, leading to a 
concentration of energy at a particular point. Attempts have been 
made to treat the problem by the application of quantum-mechanical 
considerations. The results are not very definite, but the principles 
involved are interesting. 

All the attempts are adaptations of the Garnow theory* of radio- 
active disintegration, or of the wave-mechanical theory of ‘radiationless 
transfers’ of electrons. f It is first necessary to explain these theories 
* Gamow, Z. Physik, 1928, 51. 204. 

t Wentzel, Physikal. Z., 1928, 29, 321; Z. Phyaik, 1927, 43, 524. 
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sufficiently to show the chemical analogies. First, with regard to the 
question of nuclear disintegration : inside an atomic nucleus an a-particle 
must be under the influence of an attractive force, since nuclei in general 
are in fact stable. Outside the nucleus it suffers a repulsion, which is 
in accordance with Coulomb’s law wdien the distance from the centre 
of the nucleus is greater than about 10”^^ cm. Yet, after escaping from 
a nucleus, the a-particle is found not to possess the kinetic energy which 
it should if the repulsive forces had acted on it from the point where 
they begin to be effective. This is expressed by saying that the ol- 
particles ‘leak through’ tlie potential barrier surrounding the nucleus. 
In the wave-mechanical treatment of the matter, we take a rather 
idealized form of potential barrier, and write down the equations 
expressing the amplitude of the wave function (the square of whose 
absolute magnitude gives the relative number of a-particles in an ele- 
ment of volume) for three regions: viz. inside the nucleus, in the barrier 
itself, and outside the nucleus. These equations involve the potential 
energy of the particle in the various regions. Then in a way somewhat 
analogous to Fresnel’s treatment of reflection and refraction of light, 
the (jondition is written down that the wave function and its differential 
coefficient shall be continuous at the two boundaries. In this way we 
find the amplitude of the wave outside the nucleus, which determines 
the probability of escape of the a-particle. It must be remarked that 
the wave-mechanical treatment does not explain ^vhy an a-particle can 
escape from a region which it could not possibly leave in a ‘classical’ 
manner: being a statistical method of calculation using continuous 
equations, it automatically provides for a certain concentration of 
a-particles outside the nucleus and then determines a value for this 
concentration. The important success of the theory is that it gives the 
Geiger-Nuttall law for the relation between the energy of the particle 
and its rate of escape, and moreover, with the numerical coefficients 
approximately correct. 

If we are prepared to admit that the transformation of an activated 
molecule is analogous to the disintegration of a nucleus, an analogous 
treatment becomes possible.* The actual probability of transformation 
cannot be satisfactorily estimated, but the interesting possibility arises 
that, just as those radioactive changes occur most rapidly which give 
a-particles of the greatest energy, so those unimolecular reactions which 

• Koginsky and Roeenkewitsch, Z. phyaikeU. Chem., B, 1930, 10, 47, where references 
to the work of Bonrgin, Oppenheimer, and Langor are also given. Compare also remarks 
by O. K. Rice, Phya, Rev., II, 1929, 34, 1451. 
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are most exothermic should have the greatest values of the constant x 
in the equation k = 

But there is no particularly good ground for assuming that the 
chemical changes of an activated molecule are really at all similar to 
a radioactive decay. The analogy of a ‘radiationless transfer' of an 
electronic system to a state of equal energy is perhaps closer. To under- 
stand the wave mechanics of this we must again rid our minds of the 
idea that we are giving individual attention to any member of an 
assemblage: the equations refer to the assemblage itself. Suppose, for 
simplicity, that we have a molecule AB capable of splitting up into 
A and B. Before and after the transformation the parts A and B can 
be thought of as possessing definite total energies. If letters with dashes 
refer to the final state, ~ Ej^^+Ej^^. Now consider an assem- 

blage of A B molecules. Its behaviour is described by a wave function 
with a frequency obtained by dividing E^-\~Ej^ by h. The assemblage 
of transformed molecules has a wave function with the same frequency 
(by the conservation of energy). Thus, even if the amplitude of its 
wave function is initially zero, it will grow by resonance. The rate of 
change of amplitude determines the probability of the individual trans- 
formations. Such a treatment has been successfully applied to the 
Auger effect (transfer of an electron to a new orbit with simultaneous 
ejection from the atom of a second electron). In their application of 
the method to a chemical reaction, Roginsky and Rosenkewitsch deduce 
as a positive consequence that, in the equation k — fh® loga- 

rithm of the constant y should be proportional to {Q—-E)I^E, where 
Q is the heat of reaction. (The signs are such that the absolute values 
of Q and E are added for exothermic reactions.) This result is similar 
to that inferred from the assumed applicability of some analogue of the 
Geiger-Nuttall law to chemical reactions. 

The experimental evidence is very doubtful. Unimolecular reactions 
of sufficiently varied heat of reaction are scarcely known. Roginsky 
and Rosenkewitsch consider the general balance of evidence in favour 
of such a relation, but this evidence is not at all convincing.* 

While quantum mechanics opens up the possibility that changes may 
occur in which passage over an energy barrier can in principle be 
avoided, it also turns out that the probability of such transitions is 

* For exajQAple, in Fig. 5 of thoir paper, referring to unimolecular gas reactions, there 
are 8 points, through which two straight lines are drawn. The point relating to Dienger’s 
reaction should not be included, since the reaction is almost certainly not a homogeneous 
change at all. When this is omitted the remaining points appear almost randomly 
grouped about a mean. 
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very small when the. energy barrier is high, and that the classical idea 
of passage over the energy barrier is for all practical purposes quite 
valid. It very definitely appears that in most reactions the molecules 
do not react unless they have the requisite energy of activation. And 
indeed the whole of the coherent body of chemical evidence showing 
the dependence of rate on heat of activation, the possibility in many 
cases of calculating the rate correctly, and the success of the recent 
calculations of the energy of activation itself go to show that the 
quantum-mechanical leakage effect need not generally be invoked in 
explaining rates of reaction. Indeed, it appears theoretically that in the 
case of a bimolecular reaction in the gas phase the probability of the 
leakage is negligible during the time of a collision. 

In general, quant urn -mechanical formulae for the rate of ‘penetration 
of })otential barriers’ contain an exponential term involving the mass 
of the ])article. (The mass comes in from the original Schr5dinger 
equation: or, what amounts to the same thing, from the expression 
A “ hljiiv for the ‘wave-length’ of the particle.) The result is that 
‘non-classical transitions’ are much easier for particles of small mass 
than for particles of large mass. For transitions of electrons they become 
of x^redominating importance. With atoms and molecules behaviour 
approximates more to the classical. In the case of chemical reactions 
involving the transfer of particles not heavier than a proton or hydro- 
gen atom, Bell has shown that the deviation from classical behaviour 
may possibly be considerable at low temperatures, while with heavier 
particles it is almost negligible. 

Conclusion. 

The impression produced by the foregoing chapters is x>robably one 
of diversity rather than of unity: and this impression would only have 
been greater had it been possible to follow up the ramifications of fact 
and theory which almost every detail of the subject now presents. 

The real unities underlying the interpretation of chemical changes 
are seldom open and apparent but tangled in a confusion which here 
and there might well appear inextricable, did not a broader view reveal 
that through the tangle run certain threads bright enough to show 
a plan. 

The strongest and brightest of these threads is the idea of the activa- 
tion energy. All molecules are at least relatively stable entities: and 
before they can be rearranged to yield other atomic patterns they must 
suffer to a greater or lesser extent some kind of preliminary dislocation. 
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For this they require energy which, in general, they have no means of 
acquiring save by the hazards of molecular collisions. Only when the 
chance of acquiring it becomes appreciable does a chemical reaction 
attain an observable rate. This chance is an exponential function of 
EjRT, the form depending, first, upon the fiict that excepticmal mole- 
(;ules arise by the fortuitous concurrence of many favourable factors, 
and, secondly, upon the very definition of the quantity e as the limiting 
value of a function which enters materially into calculations of chance. 

The exponential relation makes the activation energy the most im- 
portant single factor determining reaction velocity: it defines the law 
of temperature variation, and largely governs the way in whic.li changes 
of structure or the ])resen(^e of substituents or of foreign molecules 
modify reaction velocity. An early optimism almost led to the belief 
that the presence of the activation energy in molecules was a sufficient 
as well as a necessary condition for reaction. 

Molecular encounters, however, are but fleeting: and therefore wc 
find that where two molecules, or more, associate or interact, even 
when they are activated, the chance that the right conditions are ful- 
filled in other ways is, in general, small and variable, though for quite 
simple systems it may be high. When, on the otlier hand, a single 
molecule decomposes, it is left free for a relatively long time after 
activation and may mobilize energy scattered in its different parts, an 
advantage of which dissociation reactions make full use but in varying 
degrees. 

The domination of the activation energy is opposed by other potent 
influences. Often the initial dislocation of one of the molecules con- 
cerned in a reaction goes to the limit of complete resolution into atoms 
or free radicals, which, once produced, propagate long chains; and this 
means that the reaction velocity may be a good deal greater than would 
have been expected from energy considerations alone. Not infrequently 
it seems that a chain reaction and a non-chain reaction may compete 
on more or less equal terms: in the one there is an easy primary process 
without any catastrophic consequences ; in the other, a much more 
difficult primary process, the effect of which is magnified by numerous 
secondary processes following inevitably in its train. These secondary 
processes can be of complex and varied nature, and this fact is re- 
sponsible for whole chapters of complicated chemistry. 

Another factor which tends to limit the influence of the activation 
energy is the following: to achieve a given end a lot of energy may be 
employed in a simple way —for example, by splitting one of the reacting 
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molecules into atoms ; or a smaller amount of energy may be used in 
a more subtly planned manner, as where suitable conditions are fulfilled 
simultaneously at several points of the pattern of reacting molecules. 
Here the energy conditions require a more or less complex co-operation 
of others. One of the results of this is that mechanisms of which one 
alone, from the purely energetic point of view, might have predominated, 
compete on more nearly equal terms. Sometimes, in consequence, we 
find series of chemically similar reactions following what appear to be 
strangely contrasted kinetic laws. And sometimes we find, for a given 
reaction, simultaneous mechanisms, the relative preponderance of which 
changes with comparatively small variations in the conditions. A some- 
what similar blurring of the clear-cut energy relationships occurs when 
there is a different probability of decomposition for molecules in dif- 
ferent energy states, and we may find a whole spectrum, as it were, 
of activation energies contributing to an observed reaction. 

Alternative and competing mechanisms play a great part in (chemical 
kinetics generally and give rise to great complexity. If the spontaneous 
processes of nature be described in terras of the thermodynamic idea 
of a descent of energy to lower levels of availability, then we must 
agree that it does not flow in one placid stream, but rather resembles 
the water of a mountain lake lashed by the wind to overflow its rocky 
margin in many tortuous rivulets. The true unity and simy)licity is 
only to be found in the statistical ])rinciples according to which the 
whole intricate system evolves. 
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adsorbed molecules, mobility of, 206. 
adsorj^tion, activated, 209. 

— and pressure, 183, 185. 

— dipolar, 230. 

— heat of, 217, 228. 

— isotherm, 183. 

— layers, multimolecular, 210. 

— inultiplet, 230. 

— of mixtures, 209. 

— slow, 207. 

— theories, 178. 

— unimolecular layers ill, 180. 
alcohols, 229. 

— as inhibitors, 147. 
aldehydes, decomposition of, 137. 

fillkali metal vapours, I'oactioii with halogen 
compounds, 115. 

— metals, 57. 
alkyl halides, 254. 


allyl alcohol, 219. 

— pyridinium bromide, 258. 
alumina, 228. 

ammonia, 44, 166, 190, 220, 222, 227, 231. 

— catalytic decomposition, 44, 45, 193, 
194, 218, 225. 

aniline, reaction with benzoyl t^hloridc, 51. 
anilines, substituted, 51. 
anti-knocks, 148. 
antimony hydride, 190, 191. 
argon, 153, 157, 158, 160, 163. 

Arrhenius equation, 41, 253. 

corrections to, 53. 

correlation between constant* of, 

257. 

deviations from, 46. 

arsenic hydride, 187, 90. 
arsine, see arsenic hydride, 
aryl sulphuric acids, 258. 
association reactions, 237. 
atomic and molecular heat s, 6. 

mechanisms, 98. 

— hydrogen, 246. 

— reactions, 57, 115. 
atoms, recombination, 144. 
azoisopropane, 82. 

— decomposition, 123. 
azomothane, 75, 81, 117. 

— decomposition, 123. 

Band spectra, 9. 
benzaldohyde, 147, 169. 
benzene, 169. 
benzoic esters, 263. 
benzophenone, 206. 
benzoyl chloride, 5 1 . 

— chlorides, substituted, 51. 
bonzoylation, 254, 263. 
bimolecular reactions, 76, 253, 257. 
Boltzmann principle, 16, 40. 
bond energy, 65. 

branching chains, 151. 
bromine, 58, 1 1 4. 

— ^ atoms, combination of, 103. 

— reaction with hydrogen, 102. 

Bronsted relation, 262, 264. 

Carbon dioxide, 158. 

reaction with hydrogen, 201. 

— disulphide, 156, 158. 

— monoxide, 157, 158, 175, 179, 221. 

catalytic oxidation, 198, 225. 

reaction with oxygen, 169. 

carboxylic acids, 258. 
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catalysed reactions, compared with homo- 
geneous, 242. 

catalytic surfaces, nature of, 225. 

homogeneity ^ 

chain reactions, 57)''86t^08^i46. 

criteria of, 161. 

relation of rate and pressure, 89. 

chains, branching, 151. 

— radical, detection, 91. 

chemical equilibrium, statistical theory, 32. 
chloral, 97, 244, 

— decomposition, 138. 

chlorine, reaction with hydrogen, 104, 105. 
with ozone, 113. 

— dioxide, 114. 

— monoxide, 18, 117, 243, 248. 

photochemical decomposition, 113. 

thermal decomposition. 111. 

chromium oxide, 209. 
cohering voltage, 210. 
collision number, 13, 14, 35. 

— rate in liquids, 17. 

— reactions, 70. 

collisions in liquids, mechanical model, 18. 
complex molecules, 36. 

activation of, 53. 

composite reaction mechanisms, 95. 

curves, 96. 

copper, 229. 
critical increment, 53. 

— pressure limits, 152. 
cyanogen, reaction with oxygen, 173. 

with sodium, 117. 

Decarboxylation, 260. 
decomposition relictions, 117. 
degrees of freedom in activation, 80. 
deuterium, 231. 

— hydrogen exchange, 231. 
dienes, 18. 

diethyl ether, 81, 90, 92, 95, 117, 132. 

decomposition, 95, 127. 

diffusion of gas molecules, 14. 

— theory of heterogeneous reactions, 203. 
dimethyl ether, 81. 

— maleate, 83. 

dispersion of sound waves, 84. 
dissociation by rotation, 67. 
distribution law, 11, 20. 

for (complex molecules, 36. 

— of speeds among molecules, 4. 
dry liquids, 246. 

dust, 245. 

dyes, adsorption of, 1 8 1 . 

Einstein's law, 106. 
entropy, 28. 

— of activation, 239. 


enzymes, 189. 

equilibrium and velocity, 36. 

— statistical theory, 32. 
equipartition law, 30. 

— principle, 6. 
ester hydrolysis, 258. 
esterification, 254, 258, 
ethane, 94, 132, 169. 
ether, see diethyl ether, 
ethers, 75, 81, 94, 243. 

— thermal decomposition, 127. 

— higher, 129. 
ethyl acetate, 179. 

— alcohol, 178, 219. 

— bromide, 247. 
ethylene, 168, 198, 226, 246. 

— catalytic reaction with hydrogen, 201 . 

— reaction with bromine, 202, 249. 

— reaction with oxygen, 168. 
explosion limits, 152, 171, 158. 

in hydrogen -oxygen reaction, 160, 

163. 

explosions, degenerate, 176. 
exponential expressions, physical meaning 
of, 12. 

Fatty acids, 180. 

first and second order reactions, transition, 
75. 

— order reactions, 73. 

behaviour at low pressures, 83. 

fluorine oxides, 113, 114, 243. 
forbidden transitions, 253. 
foreign gases, effect of, 242. 

of on unimolecular reactions, 83. 

formaldehyde, 97, 169. 

— decomposition, 138. 
formic acid, 179, 187, 218, 228. 
free energy, 28. 

—of aetivation, 239. 

free radicals, recombination, 145. 

Geiger-Nuttall law, 266. 
germanium tetramethyl, 81. 

— tetraethyl, 117. 

Halogen oxides, 113, 1 36. 
halogens, 57, 63, 136, 167, 243. 

— reactions of, 98, 113. 
heat of adsorption, 217. 
helium, 160, 163. 
hoptaldehyde, 147. 

heterogeneous cataly.st8 and equilibrium, 

211 . 

— reactions, 70, 178, 258. 

absolute rate, 220. 

diffusion theory, 203. 

kinetics, 187, 207, 



INDEX 


273 


heterogeneous reactions, order, 195. 

quantum -mechanical theory, 232. 

retardation by products, 191. 

temperature coefficients, 212, 216. 

hexane, 94, 

homogeneous catalysis, 240. 

— reaction, 70. 

— and catalysed reactions, comparison, 
222. 

hydrocarbons, 148, 176. 

— reaction with oxygen, 168. 
hydrogen, .58, 63, 84, 156, 158. 

— adsorption of, 209. 

— atoms, 59, 189. 

— atoms, recombination, 145, 

— catalytic reaction with oxygen, 198, 
200, 209. 

- — influence on uniinolecular reactions, 84, 
129. 

— reaction witli bromine, 102. 

with carbon dioxide, 201. 

with chlorine, 106, 248. 

with iodine, 99. 

with oxygen, 87, 158, 163, 172, 177. 

— with oxygon, theory of mechanism, 

167, 

hydrogen bromide, 66. 

photochemical formation, 103. 

— chloride, reaction with ammonia, 248. 
— - iodide, 41, 43, 46, 63, 65, 117, 188, 190, 

221, 222. 

— — decomposition, 43, 46, 100. 

— peroxide, 245. 

— selenide, 1 88. 
hydrogenation, catalytic, 189. 
hydrolysis, 254. 

hydroxyl radicals, recombination, 145. 

Induction period, 108, 175. 
inert gas effects, 156. 
inhibitors, 146. 

internal degrees of freedom, 79. 
iodine, 167, 171, 243. 

— catalysis by, 243. 

— reaction with hydrogen, 99. 
ionization, 230. 

— and chemical action, 230. 
iron, 181. 

Ketene, 124. 

Lead tetraethyl, 1 49. 
liquids, 15. 

— collision rate in, 17. 

logarithmic relations between velocity con- 
stants, 262. 

lower explosion limits, 152. 


Malonic acids, substituted, 258. 
manganous oxide, 209. 
mass of gas striking surface, 3. 

Maxwell’s law, 5, 11, 26. 
mean free path, 13. 
mechanical model of solution, 1 8. 
mercury, 82, 206. 

— hydride, 67. 
metastable states, 174. 
methane, 169, 220. 
methyl, 66, 87. 

— alcohol, 169. 

reaction with acetic acid, 249. 

with hydrogen chloride, 249. 

moisture, 110, 245. 
molecular diameter, 14. 

— heat, 7. 

motions of molecules, 6. 

Negative catalysis, 146. 
nickel, 179. 

nitric oxide, 92, 129, 132, 133, 137, 145, 
189, 244. 

catalysis by, 244. 

catalytic decomposition, 197. 

detection of radical chains by, 92. 

~ - — reaction with bromine, 140. 

with chlorine, 140. 

with hydrogen, 140. 

with oxygen, 140, 238. 

nitrogen, 63, 163. 

— pentoxide, 73: 78, 82, 117, 248. 

decomposition, 118. 

— peroxide, 106, 117, 120, 104, 172, 177. 

— trichloride, 108, 114. 

nitrous oxide, 43, 44, 55, 72, 73, 75, 76, 
188, 219, 220, 222, 227, 243. 

catalytic decomposition, 44, 192, 

197. 

on gold, 188. 

on platinum, 192. 

catalytic reaction with hydrogen, 

201 . 

homogeneous decomposition, 43, 

131. 

nitryl chloride, 117. 
nuclei, 252. 

Order of heterogeneous rodctions, 1 95. 

— of reaction, 71, 76. 

and molecular complexity, 117. 

true and apparent, 196. 

variable, 76. 

orientation at interfaces, 180, 229, 230. 
ortho and para hydrogen, 18, 249. 
oxidation by permanganate, 254. 
oxygen, 63, 109, 166, 158. 

— adsorption by charcoal, 228. 
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oxyg^y reaction with hydrogen, 1 63. 

— re||btion8 with various substances, see 
wSkr other substance. 

oz<^e, 3, 73, 114, 117. 

—^^^Boomposition, 107. 

— by silver oxide, 3. 

— reaction with chlorine, 18, 113, 249, 

Para hydrogen, 91, 115, 231. 

partition functions, 22, 23, et seq. 

peroxides, 148. 

phase changes, 15. 

phenolic ethers, 254. 

phosphine, 72, 156, 158, 159, 187, 190. 

— reaction with oxygen, 154. 
phosphorus, 156. 

— reaction with oxygen, 153, 
photocatalysis, 120. 
photochemical reactions, 106. 

compared with thermal reactions, 66. 

— threshold, 106. 
photo -dissociation, 66. 
pinene, 117, 248. 
platinum, 44, 179, 181. 

— poisoning of, 227. 

poisoning of catalysts, selective, 226 
potential -energy curves, 59. 
predissociation, 68. 

pressure, influence on reactions in solution, 
251. 

promoter action, 229, 

propionic aldehyde, 75, 78, 84, 97, 117. 

decomposition, 138. 

propyl ketone, 227. 

pyridine, reaction with methyl iodide, 250. 

Quantum -mechanical theories of unimole- 
cular reactions, 265. 

— theory, 7. 

— yield, 106. 

quaternary ammonium salts, 249, 258. 
quinone, 18. 

— reaction with dienes, 249. 

Radiation theory, 73, 119. 
radical chains, detection, 91. 
radicals, 87. 
repulsion energy, 65. 

retardation of heterogeneous reactions, 
191, 224. 

rotational states, 27. 

Silica, 181. 

Silver oxalate, 252. 


sodium, 57, 

— molecules, 116, 

— reaction with cyanogen, 117. 

— sulphite, 147. 
solids, 15. 

— reactions in, 252. 
solutions, reactions in, 248. 

in, compared with gas reactions, 1 8, 

248. 

solvation, 250. 

solvents, influence on reaction velocity, 
250, 259, 261. 
sound, dispersion of, 84. 
square terras, 1 1 . 

in activation energy, calculation, 81 . 

stationary and non -stationary processes, 
151. 

— conditions, 149. 
statistical mechanics, 20. 
steam, 158, 163, 171. 
stibine, see antimony hydride, 
sulphonium salts, 258. 
sulphur, 158. 

— dioxide, reaction with oxygen, 203. 
sulphuryl chloride, 188. 

Tellurium, 94. 

temperature coefficient of chemical reac- 
tion rate, 6 ; see also Arrhenius equation, 

— coefficients of composite reactions, 45. 
termolecular reactions, 140. 

— collisions, 77, 141, 142, 144, 160. 
thermal explosions, 173. 
thermodynamic quantities, statistical in- 
terpretation, 28. 

toluene, 181. 

transition state method, 234, 257, 264. 
translational partition functions, 25. 
triazoles, 258. 
tungsten, 44, 179. 

— reaction with oxygen, 4. 

Unimolecular reactions, 73, 76, 255, 257, 
258 ; see also first-order reactions. 

behaviour at low pressures, 85. 

influence of hydrogen, 84. 

upper limits, 152, 158. 

van’t Hoff-Dimroth relation, 262. 
velocity, molecular, 2. 
viscosity, 13. 

Work in terms of statistical quantities, 
29. 
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